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THE STRUCTURE OF MITRAPHYLLINE! 


J. C. Seaton,? R. TONDEUR,? AND LEO MARION 


ABSTRACT 


Mitraphylline (C2:H2s0;N2) contains a carbomethoxyl group, and on hydrolysis gives rise to 
mitraphyllic acid. Spectroscopic evidence shows that the alkaloid contains two peng ; 
one characteristic of an oxindole and one corresponding to the grouping CH;OOC-— 

a OR. On treatment with dilute mineral acid the alkaloid gives rise to se a 

1gH24O3N2), which is a hemiacetal that no longer contains the isolated double bond and the 
ph Ae group originally present in the alkaloid. Reduction of mitraphyllal by the 
W olff-Kishner reaction gives mitraphyllane (Ci9H2sO2N2). The dehydrogenation of mitraphyl- 
lal produced 3,4-diethylpyridine and 3-ethyloxindole. The action of lithium aluminum 
hydride on mitraphylline under mild conditions gave rise to mitraphyllol by reduction of the 
carbomethoxyl group, and under more vigorous conditions to dihydrodesoxy- mitraphyllol 
by reduction of the oxindole carbonyl as well. This last product has the properties of an 


aromatic amine. On the basis of the new experimental evidence, a total structure of mitra- 
phylline is derived. 


Mitraphylline has been isolated from MVitragyna rubrostipulacea Havil. (= Adina 
rubrostipulata kK. Schuman)’ by Michiels (1), by Denis (2), and also by Raymond-Hamet 
(3). Michiels (4) also isolated it from VW. stipulosa Kuntze (= M. macrophylla Hiern.). 
In all cases except one (5) the alkaloid has been isolated in the laevorotatory form. It has 
been assigned the formula Co He4i25)0;N2, and assumed to contain a carbomethoxyl group 
and one C-methyl group (6). Distillation of mitraphylline hydrochloride from zinc dust 
under reduced pressure yields a neutral substance CipHgON, 3,4-diethylpvridine, and 
isoquinoline (6, 7). The same neutral substance has also been obtained from rhyncophyl- 
line (8) and uncarine-A (9). It has been converted to 3-ethyloxindole by hydrogenation 
7). Wenkert and Reid (10) have suggested that it was probably spiro-3,5-cyclopro- 
pvloxindole, and the identity has since been established by Kondo et a/. (11) by direct 
comparison with a synthetic specimen. A monoacetyl derivative has been reported 
Mitraphylline gives a yellow color with tetranitromethane, forms an amorphous dibro- 
mide, and when hydrogenated over Adams’ catalyst absorbs 3 moles of hydrogen, but 
over a palladium catalyst, it is reported to absorb only 1 mole (5). 

Mitraphylline has now been re-examined and sufficient additional evidence obtained to 
make it possible for us to advance a total structure for the alkaloid. Although many 
references to mitraphylline in the literature (6) include an expanded formula showing a 

1\Manusc ript received March Si, 1958. 

Contribution from the Division of Pure Chemistry, National Research Council, Ottawa, Canada. 

Issued as N.R.C. No. 4745. 

*National Research Council of Canada Postdoctorate Fellow. 

8The identity of this species seems to be controi ok Certain authors include it in the genus Mitragyna. 
Botanically, the two genera are very close, but it has been claimed that there are sufficient criteria to include the 
species in the genus Adina. The plant has been studied successively under several names. For a botanical de- 
scription of the plant see J. Lebrun, Les essences forestiéres du Congo Belge, Publication INEAC, Vol. 2, p. 220, 
Brussels, 1939. 


Can. J. Chem. Vol. 36 (1958) 








1032 CANADIAN JOURNAL OF CHEMISTRY. VOL. 36, 1958 


carbomethoxy] group, the presence of such a group does not seem to have been demon- 
strated experimentally before. The analysis of mitraphylline and its degradative products 
confirm the formula CxH2O4Ne. The base was hydrolyzed with potassium hydroxide to 
the crystalline mitraphyllic acid, C2>H220,Ne2. When re-esterified with methanol and hydro- 
gen chloride the acid was partially reconverted to mitraphylline which, however, was 
contaminated with another product and could not be completely purified. Its X-ray 
powder diagram contained all the lines present in the X-ray diagram of pure mitra- 
phylline, but a few additional faint lines were also present. 

The ultraviolet spectrum of mitraphylline is identical with that of rhyncophylline, 
which has been shown to be made up of contributions from an oxindole chromophore and 
the grouping CH;0,C— C=CH.OR (12). The infrared absorption spectrum in chloro- 
form shows a band at 3415 cm.~! indicative of an imino group, and in nujol mull it con- 
tains bands at 1725 and 1704 cm. attributable to an ester carbonyl and an oxindole 
carbonyl respectively, at 1626 and 755 cm.“ due to a benzene ring, and at 1105 cm.“ 
indicative of a cyclic ether. The intensity of the absorption at 1626 cm.—!, however, is 
greater than that expected for a benzene ring, and it is probable that it also includes a 
contribution from a polarized double bond. 

Hvdrogenation of the alkaloid in acetic acid solution over a platinum catalyst yielded 
a hexahydroderivative C2:H3,04N2. The absence of a band at 755 cm. in the infrared 
absorption spectrum of this product indicated that the benzene ring had been hydro- 
genated. The fact that the ultraviolet spectrum did not contain the usual absorption of 
an oxindole chromophore confirmed this, while the retention of the strong absorption at 
239 my, due to the grouping CH;OOC —C=CH. OR, showed that the isolated double 
bond had not been affected (cf. 5). The presence of a band at 1626 cm.“ in the infrared 
spectrum of the product is also probably due to this double bond. 

Reduction of mitraphylline with lithium aluminum hydride at room temperature gave 
rise to an alcohol, C2>H24O;Ne, that we propose to designate as mitraphyllol. Its infrared 
absorption spectrum contained a split oxindole carbonyl at 1730-1708 cm.—, and a band 
at 1654 cm. indicating that the enol-ether grouping was still present. The shift of the 
last absorption band from 1626 cm.—! (in the spectrum of mitraphylline) was to be 
expected because reduction of the ester to a primary alcohol group would remove the 
conjugation. The ultraviolet spectrum of mitraphyllol is that of a simple oxindole. 

Under more vigorous conditions, the reduction of mitraphylline with lithium aluminum 
hydride produced dihydrodesoxy-mitraphyllol, C2>H26Q2Ne. The infrared spectrum of this 
product showed no carbonyl absorption, but still contained a band at 1660 cm. due to 
the absorption of the enol-ether double bond. The ultraviolet spectrum was that of an 
aromatic amine, and indeed, dihydrodesoxy-mitraphyllol coupled with diazotized sul- 
phanilic acid to form an indicator-type dye. Since this reduction of the oxindole carbonyl 
produced an amine and not an indole derivative it can be concluded that the 3-position 
of the oxindole system in the alkaloid must be disubstituted (13). 

Acid hydrolysis of mitraphylline gave rise to a basic product (cf. 12) which could not 
be crystallized, but formed a crystalline picrate in methanol. The base regenerated from 
the picrate was a well-defined crystalline substance, C2o>H2s03Ne2, containing one methoxyl] 
group. The presence of a methoxyl seemed to indicate that the expected aldehyde had, in 
the presence of methanol, been converted to a hemiacetal. That this was actually so 
became apparent when the crystalline base was obtained on treatment of the amorphous 
hydrolysis product with 1% methanolic hydrogen chloride. The ultraviolet spectrum of 
the crystalline product was that of a simple oxindole, thus indicating that the enol—-ether 
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system was no longer present. The infrared absorption spectrum contained a split oxindole 
carbonyl band at 1695-1730 cm.—, bands at 1625 and 750 cm.“ due to the benzene ring, 
and three new bands at 1180, 1140, and 1060 cm.— which are reported to be character- 
istic of an acetal (14). The crystalline product C2oH2sO;Ne, for which we suggest the 
name methylmitraphyllal, gave on hydrolysis a base which could not be induced to 
crystallize. This base contained no methoxyl group, it slowly reduced Tollens’ reagent, 
and could be methylated in almost quantitative yield to methylmitraphyllal. Its infrared 
spectrum contained no absorption attributable to an aldehyde, but did contain an absorp- 
tion band in the hydroxyl region, and therefore the amorphous substance must be a 
hemiacetal and will be designated as mitraphyllal. Further evidence that mitraphyllal 
was a hemiacetal was provided by the Wolff-Kishner reduction, which yielded mitra- 
phyllane (CigH2sO02N2), an amorphous product isolated as its crystalline picrate. As 
expected, the infrared absorption spectrum of mitraphyllane in chloroform contained a 
peak at 3600 cm.—! indicating the presence of a hydroxyl group. 

The formation of mitraphyllal and methylmitraphyllal is consistent with the presence 
in the alkaloid of the cyclic system I since hydrolysis of the ester and the enol-ether group 
followed by decarboxylation and cyclization would result in the formation of a hemiacetal 


Il. 
Ne CH; CH; 
4 | 


cHio.c7 ay 


Dehydrogenation of mitraphyllal with palladium—charcoal produced 3,4-diethylpyridine 
and 3-ethyloxindole. Hence the experimental evidence indicates the presence in the 
alkaloid of fragment III and either fragment IV or V. It was hoped to distinguish between 
IV and V by means of the dehydrogenation product of mitraphyllol, which was expected! 
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to be 3-ethyl-4-isopropylpyridine. Unfortunately, this dehydrogenation either with 
selenium or with palladium produced 3,4-diethylpyridine. Biogenetically, however, 
structural element IV is more likely than V. Furthermore, structure IV occurs in a 
number of carboline alkaloids (15-18) whereas structure V has not yet been found. Also, 
IV definitely corresponds to the structure of rhyncophylline (12) and may legitimately 
be assumed to be present in mitraphylline. 

The biogenetic derivation of mitraphylline is probably similar to that suggested for 
rhyncophylline (12) involving the same starting materials. As for rhyncophylline, the 
a-position of the piperidine ring would be linked to the 3-position of the oxindole system, 
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and therefore, the structure of mitraphylline must be that shown in formula VI (R= O, 
R’ = CO.CH;). On the basis of this formula, the structures of the various derivatives 
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of mitraphylline became obvious. Thus mitraphyllol is represented by VII, dihydrodesoxy- 
mitraphyllol by VIII, mitraphyllal by IX, methylmitraphyllal by X, and mitraphyllane 
by XI. 

Just as rhyncophylline is the oxindole analogue of corynantheine, mitraphylline is the 
oxindole analogue of the four stereoisomerides ajmalacine (6-yohimbine, tetrahydro- 
serpentine) (15), mayumbine (16), akuammigine (17), and tetrahydroalstonine (18). 


EXPERIMENTAL 
The ultraviolet spectra were determined in absolute ethanol, unless otherwise stated, 
on a Beckmann DU spectrometer. The infrared absorption spectra were recorded with 
a Perkin-Elmer double beam instrument model 21. The peaks are indicated by a wave 
number and the percentage absorption (in parenthesis). , The compounds were dispersed in 
mulls in nujol unless otherwise mentioned. All melting points were taken on a microscope 
hot stage and are uncorrected. 


Mitraphylline 

The alkaloid was obtained from the bark of Mitragyna rubrostipulacea Havil.4 Mitra- 
phylline consisted of colorless needles, m.p. 275-276°, [a]? —3° (c, 1.3 in chloroform), 
—39° (c, 2.4 in 0.1 N hydrochloric acid), pK, 4.6 (by titration in 80% methylcellosolve 
with 0.02 N hydrochloric acid). Found: C, 68.60; H, 6.69; N, 7.59; OCHs, 8.46; act. H, 
0.29. Calcd. for Co1H2sO4N2: C, 68.46; H, 6.57; N, 7.60; 1 OCHs, 8.41; 1 act. H, 0.27%. 
Ultraviolet absorption: shoulder at 280 muy, log € 3.18, Amax 243 my, log € 4.22, Amin 224 
muy, log e 4.02. Infrared absorption: 3260(32), 1725(85), 1704(84), 1626(74), 1105(74), 
755(46). In chloroform: 3415(20), 1715(81), 1625(68). 

The base formed a perchlorate that crystallized from alcohol-ether as long prismatic 
needles, softening at 214° and melting at 240°, [a]?? —26°+6 (c, 1 in 95% ethanol). A 


*Collected in the Northeast section of the Experimental Station (Mulungu) of the Institut pour l'étude agrono- 
mique du Congo (INEAC) in whose chemical iaboratory the isolation of the alkaloids was carried out. The 
extraction of the bark was done in the plant of the Cooperative Congokina, Costermansville, Belgian Congo. 
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hydriodide was also prepared that consisted, after crystallization from absolute methanol, 
of silky needles, m.p. 233-236°, [a]?? —13.5° (c, 1.2 in absolute ethanol). Found: C, 
51.31; H, 5.14. Caled. for Co1H2404N2.HI: C, 50.80; H, 5.08%. 


Alkaline Hydrolysis of Mitraphylline 

The base (0.35 g.) was refluxed for 1 hour in methanol (9 ml.) containing water (1 ml.) 
and potassium hydroxide (0.5 g.). The methanol was distilled off and the aqueous solution 
neutralized with dilute hydrochloric acid. The mixture was then extracted with chloro- 
form, and the extract was dried and evaporated to dryness. The residual mitraphyllic 
acid (150 mg.) partially crystallized when benzene was added. After several recrystalliza- 
tions from ethanol, it consisted of colorless prisms (45 mg.), m.p. 301° (decomp.). [a]?? 
+21.4° (c, 1.17 in pyridine). Found: C, 67.66; H, 6.28; N, 7.73. Caled. for CooH2204N2: 
C, 67.78; H, 6.26; N, 7.91%. 


Esterification of Mitraphyllic acid 

The acid (66 mg.) was refluxed for 10 minutes in a saturated solution of methanolic 
hydrogen chloride (3 ml.). The solvent was evaporated and the base liberated with am- 
monium hydroxide was extracted with chloroform. The extract was washed with water, 
dried, and evaporated to dryness. It left a residue (49 mg.) which was chromatographed 
on alumina (grade II). Elution with chloroform containing 1% methanol gave mitra- 
phylline (28 mg.), which after crystallization from methanol, melted at 257-259° either 
alone or in admixture with pure mitraphylline. The X-ray powder photograph confirmed 
the identity with mitraphylline. 


Acetylmitraphylline 

Mitraphylline (190 mg.) was acetylated in pyridine (2 ml.) and acetic anhydride 
(0.5 ml.). The acetylated product (68 mg.) after crystallization from methanol—water, 
melted at 171-173°. [a]?? —6.2 (c, 1.0 in ethanol). Found: C, 67.33; H, 6.21; N, 6.54; 
COCHs, 9.96. Caled. for C23H2»OsN2: C, 67.30; H, 6.39; N, 6.83; 1 COCHs, 10.49%. 
pK, 4.3 (by titration with 0.02 N hydrochloric acid in 80% methylcellosolve). 


Hexahydromitraphylline 

Mitraphylline (108 mg.) was hydrogenated in glacial acetic acid (10 ml.) over Adams’ 
catalyst (50 mg.) at 28° and 755 mm. of mercury. The hydrogen absorbed (23.4 ml.) 
corresponded to the volume calculated (21.5 ml.) to reduce three double bonds. The 
catalyst was filtered and the filtrate made basic with sodium carbonate solution and 
extracted with chloroform. The extract was dried over sodium sulphate, evaporated to 
dryness, and the residue crystallized from acetone from which it separated as colorless 
prisms (60 mg.), m.p. 276° (decomp.). [a]?> +15.3° (c, 0.97 in ethanol). Found: C, 67.29; 
H, 7.96; N, 7.51. Caled. for Co1H3004N2: C, 67.35; H, 8.09; N, 7.48%. Ultraviolet absorp- 
tion: Amax 237 my, loge 4.05, Amin 215 my, loge 3.72. Infrared absorption: 1710(89), 1698(89), 
1630(70), 1105(76), 1092(77). 


Acid Hydrolysis of Mitraphylline 

Mitraphylline (500 mg.) was refluxed with 8% hydrochloric acid (125 ml.) for 3.5 hours, 
and the cooled solution neutralized with sodium bicarbonate and extracted with ether. 
The extract was dried over sodium sulphate and evaporated to dryness leaving the crude 
amorphous mitraphyllal (490 mg.), which was dissolved in absolute methanol (20 ml.). 
Picric acid (500 mg.) was added and the solution boiled for 30 minutes and then con- 
centrated. The picrate crystallized as yellow prisms which after recrystallization from 








1036 CANADIAN JOURNAL OF CHEMISTRY. VOL. 36, 1958 


methanol melted at 198-200° (decomp.). Found: C, 54.80; H, 5.03. Calcd. for CooH203N2. 
CsH;0;N;: C, 54.64; H, 5.11%. The base was regenerated on a basic resin (Amberlite 
IRA, 400) in methanol. The eluate on evaporation left a residue which crystallized from 
acetone in colorless prisms (methylmitraphyllal, 150 mg.) m.p. 224°, [a]?§ —59.2° (c, 1.3 
in ethanol). Found: C, 70.26; H, 7.49; N, 8.03; OCHs, 8.43. Calcd. for CoopH20O2Ne: 
C, 70.15; H, 7.65; N, 8.18; 1 OCH;, 9.05%. Ultraviolet absorption: shoulder at 780 
mu, loge 3.18, Amax 253 my, loge 3.86, Amm 228 muy, loge 3.33. Infrared absorption: 1730(94), 
1696(81), 1625(56), 1183(74), 1140(71), 1060(88), 749(79). 


Methylmitraphyllal 

A solution of crude mitraphyllal (500 mg.) in 1% methanolic hydrogen chloride 
(50 ml.) was allowed to stand at room temperature overnight, refluxed for 30 minutes, and 
evaporated to dryness. Aqueous sodium carbonate was added to the residue and the 
mixture extracted with chloroform. The extract was dried over sodium sulphate, evapo- 
rated to dryness, and the residue was crystallized several times from acetone. The product 
(140 mg.) melted at 224° either alone or in admixture with a sample of methylmitra- 
phyllal obtained as described above. 


Hydrolysis of Methylmitraphyllal 

Methylmitraphyllal (100 mg.) was refluxed with 1% hydrochloric acid (20 ml.) for 
1 hour. The cooled solution was neutralized with sodium bicarbonate and extracted with 
ether. The extract was dried over sodium sulphate and evaporated to dryness. The 
residue consisted of the amorphous mitraphyllal, 95 mg. which contained no methoxyl 
group. Infrared absorption in chloroform: 3590(38), 3430(52), 1725(99), 1626(81). With 
Tollens’ reagent mitraphyllal slowly formed a silver mirror. When treated with picric 
acid in methanol it gave an almost quantitative yield (150 mg.) of methylmitraphyllal 
picrate, m.p. 198-200° (decomp.). 


Mitraphyllane 

Mitraphyllal (100 mg.) trimethyleneglycol (2.5 ml.) and 95% hydrazine (250 mg.) 
were heated together at 150° for 1 hour. Potassium hydroxide (0.5 g.) was added and the 
excess of hydrazine evaporated while the temperature was increased to 200°. After 3 
hours the mixture was cooled, water was added, and the solution extracted with ether. 
The extract was washed with water, dried over sodium sulphate, and evaporated to dry- 
ness. The residue was dissolved in methanol and a solution of picric acid (100 mg.) in 
methanol was added. The picrate was collected and recrystallized from methanol from 
which it separated in long yellow prisms (70 mg.) m.p. 167-169°. Found: C, 55.13; H, 
5.48. Caled. for CigH2g02N 2.CsH307N3: C, 55.24; H, 5.38%. The base was regenerated on 
a basic resin (Amberlite IRA, 400) in methanol and was distilled at 0.1 mm. (air bath 
temperature 170-180°). It consisted of a colorless glass, 35 mg. [a]?®° +39.3° (c, 0.89 in 
ethanol). Found: C, 72.42; H, 8.33. Caled. for CigH2s02N2: C, 72.58; H, 8.34%. Ultraviolet 
absorption: shoulder at 280 muy, loge 3.21, Amax 252 my, loge 3.87, Amm 229 muy, loge 3.60. 
Infrared absorption: 3200(55), 1707(92), 1625(61), 752(61). In chloroform: 3600(34), 
3435(48), 1710(98), 1625(73). 


Mitraphyllol 

A solution of mitraphylline (500 tag.) and lithium aluminum hydride (400 mg.) in 
tetrahydrofuran (250 ml.) was allowed to stand at room temperature overnight. Water 
(3 ml.) was added, and after 30 minutes the precipitate was filtered off and washed with 
chloroform. The combined washings and filtrate were dried over sodium sulphate and 
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evaporated to dryness. The residue was crystallized from acetone from which it separated 
as colorless prisms (170 mg.), m.p. 227°, [a]?> —79.7° (c, 0.79 in ethanol). Found: C, 
70.16; H, 6.81; N, 8.07. Caled. for CooH24O3N2: C, 70.56; H, 7.11; N, 8.23%. Ultra- 
violet absorption: shoulder 280 mu, loge 3.11, Amax 252 mu, loge 3.88, Amm 230 my, loge 
3.57. Infrared absorption: 3270(59), 1730(89), 1708(88), 1655(62), 1626(67), 750(61). 


Dihydrodesoxy-mitraphyllol 

Mitraphylline (200 mg.) and lithium aluminum hydride (200 mg.) in dioxane were 
refluxed under nitrogen for 3 hours. Water (2 ml.) was added to the cooled solution, and 
after 30 minutes, the precipitate was filtered off and washed with chloroform. The 
combined filtrate and washings were dried over sodium sulphate and evaporated to dry- 
ness. The residue, after crystallization from ether, consisted of colorless prisms (105 mg.), 
m.p. 173-174°, [a]?> —15.9° (c, 1.26 in ethanol). Found: C, 73.44; H, 8.08; N, 8.66. Calcd. 
for CopH2s02N2: C, 73.59; H, 8.03; N, 8.58%. Ultraviolet absorption: Amax, 295 my, loge 
3.45, Amax 243 my, loge 3.83, Amm 270 mu, loge 3.59. Infrared absorption: 3375(48), 
3180(50), 1660(56), 1615(56), 745(78). 

A few drops of diazotized sulphanilic acid were added to a solution of dihydroxy- 
mitraphyllol in hydrochloric acid. A red color developed immediately which turned to 
yellow when the solution was made alkaline. The red color returned on acidification. 
Neither mitraphylline nor mitraphyllol coupled with diazotized sulphanilic acid. 


Dehydrogenation of Mitraphyllal 

Mitraphyllal (200 mg.) was heated with palladium-charcoal (30%, 200 mg.) under 
dry nitrogen to 290° during 1 hour. A distillate was collected which was fractionated into 
two portions, I, boiling below 210°, and II, boiling above 210°. Fraction I was a colorless 
basic liquid which formed a picrate crystallizing from methanol in yellow plates, m.p. 
140-141°, not depressed on admixture with an authentic specimen of 3,4-diethylpyridine 
picrate. Found: C, 49.21; H, 4.25. Caled. for CsHi3N.CsH307N3: C, 49.45; H, 4.43%. The 
infrared spectrum was identical with that of 3,4-diethylpyridine picrate. Fraction II 
(boiling higher than 210°) was crystallized from hexane. It consisted of colorless prisms, 
m.p. 101°, not depressed on admixture with a synthetic specimen of 3-ethyloxindole. 
The X-ray powder diagram was identical with that of the synthetic specimen. 


ACKNOWLEDGMENTS 


We acknowledge our indebtedness to Mr. R. Lauzon and Dr. R. Norman Jones for 
recording the infrared absorption spectra, and to Dr. Maria Przybylska for the pre- 
paration of the X-ray powder diagrams. Also to the Institut pour l’étude agronomique 
du Congo, Mulungu, Belgian Congo, for the work done in their laboratories. 


REFERENCES 


. MicutEts, L. and LEroux. Bull. acad. roy. méd. Belg. 5, 403 (1925); Michiels, L. J. pharm. Belg. 17, 
1049 (1935) (cited in Ref. 5). 

Denis, P. Bull. acad. roy. Belg. 23, 174 (1937). 

. RayMOND-HAMET. Bull. Sci. Pharmacol. 46, 327 (1939). 

. MicuiEts, L. J. pharm. Belg. 13, 719 (1931). 

BapceErR, G. M., Cook, J. W., and ONGLEy, P. A. J. Chem. Soc. 867 (1950). 

. Loupon, J. D. Symposium on naturally occurring nitrogen heterocyclic compounds. The Chemical 

Society, London. 1955. 


SOP 


7. Cook, J. W., GatLey, R. M., and LoupENn, J. W. Chem. & Ind. 640 (1953). 

8. BarGEr, G., Dyer, E., and SarGent, L. J. J. Org. Chem. 4, 418 (1939). 

9. Ikepa, T. J. Pharm. Soc. Japan, 63, 393 (1943). 

10. WENKERT, E. and Retp, R. L. Chem. & Ind. 1390 (1953). 

11. Konno, H., Nozoye, T., and Tsukamoto, H. Ann. Rept. ITSUU Lab. Tokyo, 6, 53 (1955). 








1038 CANADIAN JOURNAL OF CHEMISTRY. VOL. 36, 1958 


. SEATON, J. C. and Marion, L. Can. J. Chem. 35, 1102 (1957). 

. JULIAN, P. L. and Printy,H C. J. Am. Chem. Soc. 71, 3206 (1949). 

. BERGMANN, E. and Pincaas, S._ Rec. trav. chim. 71, 161 (1952). 

. GOUTAREL, R. and LE Hir, A. Bull. soc. chim. France, (5), 18, 909 (1951). 

. JaANnot, M.-M., GouTaREL, R., and MASSONNEAU, J. Compt. rend. 234, 850 (1952). 
. Rostnson, R. and THomas, A. F. J. Chem. Soc. 3479 (1954). 

. ELDERFIELD, R. C. and Gray, A. P. J. Org. Chem. 16, 506 (1951). 





HYDROLYSIS OF SULPHATE ACID ESTER IN UNSTABILIZED 
CELLULOSE NITRATES! 


PauL E. GAGNon, KARL F. KEIRSTEAD,? BRIAN T. NEWBOLD, AND J. THOMAS 


ABSTRACT 


The rate of hydrolysis of the sulphate acid ester in unstabilized cellulose nitrates in acetone/ 
water solution at 25° C. has been studied. The rate of hydrolysis in 90% acetone/water was 
too slow to produce a measurable increase in acidity during 24 hours. In 99% acetone/water 
solution the initial hydrolysis was very rapid and was followed by slower hydrolysis which was 
complete after 24 hours. Similar results were obtained with wood cellulose nitrates. 

In the case of cotton cellulose nitrates, there was an indication that hydrolysis of the sulphate 
acid ester decreased as the nitrogen content increased. The rate of hydrolysis of the sulphate 
acid ester in both cotton and wood cellulose nitrates was very similar to that of the sulphate 
acid ester in cellulose acetate sulphate. 


INTRODUCTION 


It has been shown that the rate of hydrolvsis of the sulphate ester of cellulose acetate 
sulphate depends on various factors of which the liquid medium is considered the most 
important (1). When cellulose acetate sulphate is dissolved in acetone the hydrolysis 
of the sulphate ester is rapid compared with that of the acetate ester. In 70% acetone 
the relative rates are reversed. At 25° C. or greater, the hydrolysis of the sulphate ester is 
complete after 24 hours (1). The solvolysis of both the sulphate ester and the acetate 
ester in acetic acid is well known (2). In water the cleavage of the acetate ester is more 
rapid than that of the sulphate ester (3). 

Miles (4) has summarized the work done on the determination of sulphate ester 
in unstabilized cellulose nitrates by titration in acetone. The sulphate ester can be 
determined satisfactorily by titration in water, or analysis for calcium after ion exchange, 
or hydrolysis in acetone/water solution, or analysis for sulphate after treatment with 
50% alcohol (5). Recently (6) the hydrolysis method for the determination of sulphate 
acid ester in acetone/water solution has been carefully studied. 

The sulphate ester in unstabilized cellulose nitrate can be removed by prolonged 
boiling in water maintained just alkaline; the decomposition is most rapid when the 
boiling is carried out under slightly acid conditions (7). Spinks et al. (8) studied the 
sulphate content of unstabilized cellulose nitrate using S*O," as a ‘tracer, and found 
that it could only be removed at the expense of degradation and decomposition of the 
cellulose nitrate. 

The object of the present work was to study the rate of hydrolysis of the sulphate 
acid ester in unstabilized cotton and wood cellulose nitrates in acetone/water solution. 


EXPERIMENTAL 
Cellulose Nitrate 
The preparation of the cotton and wood unstabilized cellulose nitrates was carried 
out using the method mentioned in a recent publication (9). The cellulose nitrates were 
washed continuously for 48 hours with distilled water passed through an ion exchange 
column. Samples of cellulose nitrate were removed from the washing apparatus and dried 
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by centrifuging at 4000 r.p.m., for 5 minutes. Cotton cellulose nitrates could: be dried 
by this method to approximately 35% moisture content and wood cellulose nitrates to 
about 45%. Samples were then set aside for moisture, nitrogen, and sulphate deter- 
minations (3). The per cent sulphate acid ester contents of the cellulose nitrates were 
determined by the hydrolysis method (6). 


Hydrolysis of Sulphate Acid Ester in Unstabilized Cellulose Nitrates 

The initial acidity of moist samples of cellulose nitrate in which there was no hydrolysis 
was determined by titration in 90% acetone/water solution, using the method recently 
described (6). 

Hydrolysis experiments were performed on duplicate moist samples (2-3 g. dry 
weight) of cellulose nitrate dissolved in 99% acetone/water (700 ml.). Reagent grade 
acetone which contained 0.63% water, determined by an infrared absorption method, 
was used. The solutions were immediately placed in a constant-temperature bath con- 
trolled at 25°+0.1° C. The starting time of the experiments was taken when half the 
solvent had been added to the sample. Aliquots (100 ml.) were removed from the solutions 
at intervals and the hydrolysis stopped by dilution with distilled water (100 ml.). The 
increase in acidity was measured by titration with 0.01 NV potassium hydroxide using a 
Macbeth pH meter. 

The per cent hydrolysis was calculated directly by using the zero hydrolysis and 
24-hour titers, expressed as milliliters per gram of cellulose nitrate. The 24-hour value 
represents the total sulphate content, because the sulphate acid ester is completely 
hydrolyzed. A typical example serves to illustrate the calculations involved. For a 
12.1% unstabilized cotton cellulose nitrate containing 100% sulphate acid ester and 
0.75% water, the zero hydrolysis titer was 5.19 ml./g. After 1 hour of hydrolysis, the 
titer was 11.50 ml./g. The 24-hour hydrolysis titer was 13.40 ml./g. Therefore, the 
percentage hydrolysis after 1 hour was [(11.50—5.19)/(13.40—5.19)]X100 = (6.31/8.21) 
X100 = 77. 


RESULTS AND DISCUSSION 


The difference in the rate of solvolysis of the sulphate acid ester and nitrate groups in 
unstabilized cellulose nitrate has been established by Gagnon ef al. (5). In the present 
work, it was found that hydrolysis of the sulphate acid ester, RSO,H, of cotton cellulose 
nitrate was effectively stopped by dissolving the moist cellulose nitrate in 90% acetone/ 
water solution. The rate of hydrolysis was too slow to produce a measurable increase 
in acidity during 24 hours. Similar results were obtained for wood cellulose nitrates. 
Gagnon et a/. (10) obtained similar results for the sulphate ester in cellulose acetate 
sulphate. 

It was found that hydrolysis of the sulphate acid ester in unstabilized cotton cellulose 
nitrate could be carried out satisfactorily in 99% acetone/water solution at 25° C. In 
general, the initial hydrolysis of the sulphate acid ester is very rapid. For example, in 
one experiment, for an 11.7% N cotton cellulose nitrate containing 83% sulphate acid 
ester, the difference between the zero hydrolysis and 5-minute hydrolysis titers was 
4.17, expressed as milliliters 0.01 N KOH per gram of cellulose nitrate. The difference 
for the 24-hour titer was 7.12 ml./g. The rate of hydrolysis slowed down considerably 
after 5 minutes. For instance, the difference between 5-minute and 1-hour hydrolysis 
titers was only 1.55 ml./g. In general, it can be said that the sulphate acid ester of 

-unstabilized cotton cellulose nitrate is considerably hydrolyzed in the first hour. 
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The amount of sulphuric acid released by hydrolysis of low sulphate ester.content 
cotton cellulose nitrates was very small. For a 13.3% N cellulose nitrate containing 
46% ester, the sulphuric acid released after 24 hours was only 0.32%. 

The rate of hydrolysis curves for the sulphate acid esters in four cotton cellulose 
nitrates, containing very similar amounts of water and sulphate ester, are shown in Fig. 1. 
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Fig. 1. Hydrolysis of the sulphate acid ester in 


} Fic. 2. Hydrolysis of the sulphate acid ester in 
cotton cellulose nitrates. 


wood cellulose nitrates. 











Sulphuric acid, % 








Nitrogen, Sulphate acid Water concn., 
% ester, % Grav. Titrimetric % vol. 

© 11.6 96 0.95 0.94 0.64 

xX 11.4 100 1.00 0.93 0.78 

@ 12.1 100 0.58 0.64 0.75 

O 11.9 100 0.69 0.75 0.77 





There was 53% hydrolysis of sulphate ester in the first 5 minutes for a cellulose nitrate 
containing 11.4% nitrogen whereas there was only 20% hydrolysis for a 12.1% N 
cellulose nitrate. Similar results are shown for cellulose nitrates containing 11.6% and 
11.9% nitrogen. Each curve represents the results obtained from duplicate hydrolysis 
experiments on the same cellulose nitrate sample. The hydrolysis values could be re- 
produced and the nitrogen contents were determined with good precision (9). It was 
very difficult to prepare cotton cellulose nitrates containing similar sulphate acid ester 
and water contents. 

It appears that the rate of hydrolysis of the sulphate ester decreased as the nitrogen 
content increased (Fig. 1). This effect could be explained by the ester groups being 
sterically hindered by nitrate groups. 

In the present work, hydrolysis experiments were also carried out on unstabilized 
wood cellulose nitrates. There was rapid initial hydrolysis of the sulphate acid ester, 
followed by slower hydrolysis up to 24 hours. For instance, in one experiment with a 
12.8% N wood cellulose nitrate containing 55% sulphate acid ester and 1.26% water, 
the difference between zero and 5-minute hydrolysis titers was 3.00 ml./g. After 1 hour 
of hydrolysis, the difference rose to 6.30 and finally after 24 hours it was 8.10 ml./g. 

The rate of hydrolysis curves for the sulphate esters of four wood cellulose nitrates 
containing similar sulphate ester and water contents are given in Fig. 2. The initial 
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hydrolysis was very rapid. For example, for an 11.8% N wood cellulose nitrate, there 
was 53% hydrolysis of the sulphate acid ester in the first 5 minutes and the corresponding 
value after 1 hour was 80%. 








Sulphuric acid, % 








Nitrogen, Sulphate acid —— — Water concn., 
% ester, ( Grav. Titrimetric % vol. 

© 11.8 96 1.23 1.26 0.94 

“ 11.7 97 1.33 1.36 0.98 

@ 11.4 98 2.32 2.11 0.96 

O 10.8 97 Lvl 1.65 1.00 





There are similarities between these curves and those obtained for cotton cellulose 
nitrates (Fig. 1). However, the curves cannot be strictly compared because cotton and 
wood cellulose nitrates having the same nitrogen content contained different amounts 
of moisture. 

There was no striking difference between the rates of hydrolysis of wood cellulose 
nitrates containing different amounts of nitrogen (Fig. 2) as was the case for cotton 
cellulose nitrates. This fact could possibly be explained by structural differences. Wood 
cellulose nitrates having similar sulphate ester and moisture contents could be prepared 
without difficulty in contrast to cotton cellulose nitrates. 

The rate of hydrolysis curves for cotton and wood cellulose nitrates (Figs. 1 and 2) 
are similar in shape to those given previously (10) for the hydrolysis of cellulose acetate 
sulphate. In general, the hydrolysis of the sulphate ester in both unstabilized cotton 
and wood cellulose nitrates is very similar to that of the sulphate ester in cellulose acetate 
sulphate. 
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THE KINETICS OF THE THERMAL DECOMPOSITION OF ETHYL 
BROMIDE AND ETHYL BROMIDE-d;' 


ARTHUR T. BLADES 


ABSTRACT 


The kinetics of the pyrolysis of ethyl bromide and ethyl bromide-d; have been studied 
using the toluene carrier gas technique. Variation of the pressure in the range 0.6 to 4.4 cm. Hg 
reveals what is believed to be a legitimate pressure effect on the first-order rate constants. 
The Arrhenius rate expressions determined at 4 cm. Hg pressure are: 

k(ethyl bromide) = 8.5.1.6 X 10%e~8-200£300/RTse¢.—'(T = §23°-633° C.); 

k(ethyl bromide-d;) = 2.10.4 X 10'%e—54 840+300/RTse¢.-1( T = 531°-635° C.). 

The differences in the two rate expressions are discussed. 


INTRODUCTION 


The thermal decomposition of alkyl bromides into the alkene and hydrogen bromide 
occurs more or less homogeneously and with few other detectable products. The effect 
of inhibitors on the rates of decomposition of the secondary and tertiary compounds is, 
in general, small, but with primary bromides the rates are reduced to a limiting value 
(1, 2, 3, 4, 5, 6, 7). While the order of reaction in the uninhibited pyrolysis is often obscure, 
the fully inhibited decomposition of all the compounds studied is believed to be uni- 
molecular. 

An example of such a decomposition is that of ethyl bromide into ethylene and hydrogen 
bromide. This reaction has long been known to be first order, but recent investigations 
of the pyrolysis by Goldberg and Daniels (2) reveal that, though the decomposition 
is first order, there is an induction period and the products both accelerate and retard 
the decomposition. They indicated that ethylene, n-hexane, and toluene (8) reduce the 
rate of decomposition to a limiting value at which the only significant reaction is the 
simple unimolecular decomposition: 


C.H;Br => C.H, + HBr. 


Recent studies of this decomposition in cyclohexene by Green, Harden, Maccoll, and 
Thomas (3) confirm this conclusion. An attempt to use the carbon isotope effect (9) to 
confirm the intramolecular nature of this reaction has been contested (10) on the grounds 
that the rate constants in the system were unusually high. 

The present work was undertaken as a preliminary to a more intensive investigation 
of the carbon and hydrogen isotope effects in this decomposition. 


EXPERIMENTAL 


The toluene carrier-gas technique, in which the compound is decomposed in a large 
excess of toluene in a flow system, was used in this study. The apparatus was essentially 
a replica of that previously used (8); however, provision was made for the introduction 
of the toluene at higher pressures. This was achieved by the use of heated lines and a 
thermostatically controlled bath around both the toluene supply and the oil—-mercury 
manometer. The ratio of toluene to ethyl bromide in the pyrolyzed gases was maintained 
as high as possible, consistent with the pressure and contact time requirements of each 
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experiment. The reaction cell was 8 inches long and ? inch in diameter. Consideration 
for possible errors as a result of the heat load on the furnace dictated the use of contact 
times up to 2.2 seconds at the higher pressures. The products were condensed in a liquid 
nitrogen trap, and the rate constants were based on the titration of the hydrogen bro- 
mide with 0.1 N sodium hydroxide. 

The commercial, ether-free ethyl bromide was distilled over phosphorus pentoxide 
on a 36-inch glass helix packed column; b.p. 36.1° C. at 70.2 cm. Hg. The deuterium 
compound, supplied by Merck and Co., was stated to be 99+% ethyl bromide-d; and 
was not further purified. The toluene was reagent grade and was distilled over sodium. 
All compounds were thoroughly degassed before use. 

In investigating the temperature coefficients of the two pyrolyses, an attempt was 
made to carry out experiments on the two compounds under identical conditions so 
that relative rates might be plotted as a function of temperature. However, the results 
of such a plot indicated a difference in activation energy essentially the same as that 
from the individual rate expressions obtained from a least squares treatment of the data. 
The errors quoted are the indicated maxima from an average deviation in k of 13%. 


RESULTS 


Pressure Effect 

The effect of pressure on the rate constants was investigated over the range 0.6 to 
4.4 cm. Hg. Each first-order rate constant plotted in Fig. 1 represents a single analysis 
and must not be regarded as a limiting rate at zero conversion. No attempt was made to 
adjust?conditions to produce uniform conversion and hence the precise shape of the 
curves is not too significant. 














I 
.2- ° ° 4 
Ty O8F- 4 
° 
= — 
O4- “i 
0 | | 
ie) \ e 3 a 5 
Pcm Hg 


Fic. 1. The effect of pressure on the rate constant at T = 889° K.: © for ethyl bromide. and VY for 
ethyl bromide-d;. 
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TABLE I 
RATE STUDIES 














Contact 
Expt. Pressure, Toluene: bromide time, % Temp., k, 
No. cm. Hg ratio sec. Decomp. a 2 sec. 
A. On ethyl bromide 

60 4.00 95 0.650 75 906.0 2.11 
59 4.00 90 0.645 65 897 .0 1.61 
42 4.01 35 1.01 74 891.0 1.33 
49 4.21 58 1.02 64 882.2 1.00 
58 4.00 55 1.05 48 867.9 0.617 
57 4.00 54 0.675 33 867.3 0.593 
51 4.09 36 1.06 31 851.3 0.347 
50 4.28 60 1.05 23 841.7 0.242 
52 4.05 28 2.10 26 828.4 0.145 
53 4.00 18 2.16 16 815.1 0.0836 
54 4.01 18 2.16 17 815.2 0.0864 
55 4.04 18 2.18 11 803 .9 0.0536 
56 4.10 19 2.20 8.5 796.7 0.0405 

B. On ethyl bromide-d; 

20 4.05 55 0.638 56 908.1 1.28 

9 3.92 50 0.994 67 903.1 | 
19 4.00 54 0.627 43 896.9 0.890 

1 4.02 33 1.06 55 892.0 0.785 

7 4.43 39 1.00 54 891.4 0.770 
10 4.02 51 1.04 41 881.8 0.527 
18 4.00 35 1.06 29 867 .6 0.320 
17 4.00 52 0.685 19 867 .4 0.312 
13 3.81 28 2.06 30 851.6 0.174 
12 4.13 35 1.05 17 851.3 0.175 
11 4.29 36 1.07 12 841.9 0.123 
14 4.00 33 2.06 14 828.9 0.0732 
15 4.01 17 2.15 8.5 815.4 0.0412 
16 4.02 17 2.17 5.5 804.2 0.0256 

Temperature Dependence 


In investigating the temperature coefficient of the rate it was necessary to operate 
at a pressure of about 4 cm. Hg in order to obtain data in a region where errors due to 
non-first-order behavior would be no greater than the experimental error. The rate 
expressions calculated from the data in Table I were, for ethyl bromide: 


k = 8.5+ 1.6 x 1012¢—52.200+300/R Tsec.—, 
and for ethyl bromide-d;: 
k = 2.1+0.4 XK 10-5, 8404800/R Too¢ —1, 


The former compares very favorably with the previously reported expression (8) obtained 
by this technique, 


k = 7.3X10%e-8-300/FTsec.—! at p = 2.0+0.2 cm. Hg, 


especially since the lower pressure would be expected to make the results 10% low. 
An Arrhenius plot of the data is presented in Fig. 2 and a similar plot for the ratio 
of the rate constants is shown in Fig. 3. 


DISCUSSION 


The mechanism for the totally inhibited decomposition of many of the alkyl bromides 
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Fic. 2. Arrhenius plots for O ethyl bromide and YV ethyl bromide-ds. 


and chlorides is now generally accepted to involve the formation of a ‘‘four-centered”’ 
activated complex (8, 11). 
| 
a 
= 


H-—-X 


Since this is such a relatively simple mechanism, it is particularly satisfying that highly 
accurate and reproducible rate expressions can be obtained by the use of the toluene 
carrier-gas technique. Hence the decomposition of ethyl bromide seems ideal for a 
careful study of isotope effects in intramolecular decomposition reactions. 

The effect of pressure on the rate constants for the two compounds indicates a quasi- 
unimolecular reaction below about 4 cm. Hg for each of them. Although this effect 
occurs in an atmosphere largely composed of toluene, it is likely that the collision efficien- 
cies of the toluene and the bromides are sufficiently similar so that the pressure would 
be much the same as for the decomposition of the pure gases. The limited pressure 
range of the data for this effect renders a calculation of the Hinshelwood-Lindemann 
degrees-of-freedom fruitless. It is noteworthy that the pressure effect for the ethyl 
chloride decomposition (12) becomes apparent around 1 cm. Hg pressure despite a 
considerably higher frequency factor. 
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Fic. 3. Arrhenius plot for the ratio of rate constants for ethyl bromide and ethyl bromide-ds. 


The two Arrhenius rate expressions are interesting in two respects, namely, the large 
difference of 2600 cal./mole in the activation energies and the lower frequency factor for 
the hydrogen compound. Reference to the Bigeleisen (13) theory of the kinetic isotope 
effect suggests that the maximum difference in activation energy should be the difference 
in the zero-point energies in those vibrations associated with activation. Since a single 
carbon—-hydrogen stretching frequency may account for only 1100 cal./mole, it is evident 
that other methyl group vibrations must be invoked to account for the observed acti- 
vation energy difference. 

The abnormal frequency-factor ratio of 0.4 cannot be so readily explained since the 
Bigeleisen theory predicts a frequency factor ratio between 1 and +/2 and it would 
require an error of 1500 cal./mole in the activation energy difference to make the experi- 
mental rates consistent with a ratio of unity. A similarly anomalous ratio has been 
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observed in the relative rates of rearrangement of cyclopropane and cyclopropane-t, (14), 
and several possible explanations have been advanced which might be applicable here. 


A classical rotational kinetic isotope effect occurs in these decompositions in addition 


to the effects discussed above. Since the activation step involves the conversion of an 
internal rotational degree of freedom into a less active vibration, a negative entropy 
of activation should result. For the ethyl bromide-d;, however, the reduced moment of 
inertia about C—C bond will be almost twice as large as for the hydrogen compound, 
resulting in a greater entropy of internal rotation of about (RIn 2)/2 and hence a greater 
change in entropy during activation. A maximum additional factor of 1/2 would be 
predicted for this kinetic isotope effect. 
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REACTIVITY STUDIES ON NATURAL PRODUCTS 
V. RATES OF BOROHYDRIDE REDUCTION OF SOME RING A AND B STEROID KETONES! 


OwEN H. WHEELER? AND JOSE L. MATEos? 


ABSTRACT 


The rates of reduction of 3-, 6-, and 7-cholestanone, coprostan-3-one, A‘- and A5-cholesten-3- 
one, and A®“)-ergosten-3-one with sodium borohydride in isopropanol have been measured. 
The proportions of a- and 8-isomers formed were determined in most cases and the corre- 
sponding rates of equatorial and axial reduction obtained. A‘-Cholesten-3-one and 6- and 
7-cholestanone are reduced at a slower rate and A‘-cholesten-3-one and A®-ergosten-3-one 
at a higher rate than the saturated 3-ketosteroids. 


Sodium borohydride has been used as a selective reducing agent in steroid chemistry 
and preparative reductions have been reported of a 3-keto group of both allo and normal 
steroids, in the presence of 11- (1), 12- (2), 17- (3), and 20-keto groups (4, 5), of a 3-keto 
group in the presence of both 11- and 20-keto groups (5), and of a 20-keto group in pre- 
ference to an 11-keto group (6) and a A‘-3-keto system (7). Garrett and Lyttle (8) ina 
kinetic study found that under their conditions the 3-keto group of pregnan-3,20-dione 
was reduced instantaneously and the 20-keto group at a measurable rate. All these 
examples of selective reduction involve positions in the steroid molecule which are 
known to have quite different steric environments. In the present work the reactivities 
of some ring A and B ketosteroids (see Table I), which would be expected to have smaller 
differences, have been measured. 


TABLE I 
KINETICS OF BOROHYDRIDE REDUCTION* 











kX104 Ratiot 
Cyclohexanone 565+3 1.4 
Cholestan-3-one 397247 1.0 
Coprostan-3-one 434+6 1.2 
Cholestan-6-one 241+6 0.60 
Cholestan-7-one 11142 0.28 
A‘-Cholesten-3-one 54.84+1.2 0.14 
A®-Cholesten-3-one 1320+18 3.3 
A814) _Ergosten-3-one 610+11 "1.5 





*In isopropanol at 25.0°. Rate constants in liter mole! sec.—!. 


{Ratio of rate constants to cholestan-3-one = 1.0. 


The solvent used by Garrett and Lyttle was aqueous dioxan but this gave very fast 
and irreproducible results with our very reactive ketones. Recently Brown and co-workers 
(9, 10) have used isopropanol for kinetic studies and this proved suitable because of the 
stability of borohydride in this solvent, the solubility of the steroids, and their reasonably 
slow rates of reduction. Although cholestan-3-one and coprostan-3-one undergo bro- 
mination at different rates (11), their rates of reduction are very similar and only a 
little less than that of cyclohexanone and this is to be expected since there are no large 
steric or strain effects influencing addition to the exocyclic double bond. However 6- and 
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7-cholestanone undergo reduction at a greatly reduced rate. The principal effect de- 
creasing the rate of reduction of the 6-ketone will be steric hindrance from the axial 
methyl group at C-10 (12), and the 7-ketone is hindered from attack of borohydride ion 
by the ‘eclipsing effect’ of the a-hydrogen atom on C-15 (12). Moreover, the ketone 
groups of both these compounds will be subject to the inductive effect of the alkyl 
group of the adjacent ring which will depolarize and further deactivate the carbonyl 
group (13), as compared to that of cholestan-3-one. Selective reduction of a 3,7-diketone 
should be possible, since assuming no mutual interaction, one equivalent of borohydride 
would reduce only 22% of the 7-keto group. 

In the case of A4-cholesten-3-one resonance interaction in the a,6-unsaturated ketone 
system will reduce the charge on the ketone group and reduce its reactivity (12). However 
in the case of A®-cholesten-3-one there is no loss of resonance energy on reduction, but 
hyperconjugative interaction will stabilize the borohydride reduction intermediate 
and lead to an increased rate of reduction. A*‘!* -Ergosten-3-one also shows an increased 
rate of reactivity as compared to cholestan-3-one, but it seems unlikely that this can be 
electronic in origin since the double bond is so remote from the keto group. The double 
bond in ring C will produce small distortions in the conformation of the rings which 
will be transmitted to ring A and this is also distorted by the keto group (11). Reduction 
will reduce some of the distortion in this ring and is therefore favored. 

The percentages of a- and 8-alcohols formed were determined for five of the ketones 
(Table II) and the over-all rates of reduction have been divided into the rates of formation 
of these a- and 8-isomers (Table III) resulting from quasi-equatorial and quasi-axial 
attack (14) (also termed ‘exo’ and ‘endo’ attack (15)). The percentage of equatorial 
isomers formed from cholestan-3-one and coprostan-3-one is similar to that from 4-methyl- 
cyclohexanone (14), agreeing with the previous suggestion that 3-ketosteroids are not 
subject to any large steric effects. 


TABLE II 
PERCENTAGE OF B-ISOMER* 








Reagent 





LiAlH, NaBH, 





In i-PrOHt In aq.- MeOH} 








Cholestan-3-one 88§ 85 87 





Coprostan-3-one (p. 13 17 
Cholestan-7-one 69)! 589 al 
A‘-Cholesten-3-one 74} 95 74 
A5-Cholesten-3-one 87t 83 76 
*Normalized to 100%. TPresent work. tRef. 19. §$Ref. 22. ||Ref. 23. 


“Cholestane (39%) also formed. **For 3-acetoxy-7-ketocholestane, Ref. 14. 


TABLE III 
RATES OF ‘AXIAL’ AND ‘EQUATORIAL’ REDUCTION 








k®X< 104 Ratio* ke X10 Ratiot 











Cholestan-3-one 60 1.0 340 1.0 

Coprostan-3-one 57 1.0 380 pA 

Cholestan-7-one 48 0.8 64 0.2 

A‘-Cholesten-3-one a.a 0.05 52 0.15 

A®-Cholesten-3-one 230 3.9 1100 Re 
*Ratio of ‘axial’ reduction to ‘axial’ reduction of cholestan-3-one = 1.0. 


tRatio of ‘equatorial’ reduction to ‘equatorial’ reduction of cholestan-3-one = 1.0. 
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The reduction of cholestan-7-one gives a large amount of cholestane and, although 
the rate of ‘equatorial’ reduction is considerably less than that for cholestan-3-one, 
the rate of ‘axial’ reduction is only slightly reduced. This suggests that reduction of the 
7-keto group by attack from the underside of the molecule is not particularly hindered, 
whereas reduction in the equatorial plane of the molecule is highly hindered. The prin- 
ciple factor seems to be the ‘eclipsing effect’ of the 15a-hydrogen atom (11), but the 
shielding of the methyl groups on carbons 10 and 13 will also decrease the rate of attack 
from the topside. The cholestane probably arises by steric repulsion, from the 78-position, 
of the bulky carbonyl—borohydride reduction complex. Steric acceleration in the 
chromium trioxide oxidation of 7a-cholestanol, known to involve the attack of a chromium 
ester on the 8-hydrogen atom, has also been observed (16). 

The introduction of a double bond into a cyclohexanone ring will lead to a flattening 
of the ring (17). In the reduction of cholest-4-en-3-one the preferred transition state 
for reduction will be that leading to the formation of the equatorial alcohol, since this 
allows maximum interaction between the z-electrons of the double bond and the boro- 
hydride radical. 6-Cholest-3-en-ol constitutes the major product and the decrease in 
rate is much greater for the formation of the a-alcohol. 

The double bond in cholest-5-en-3-one also distorts the molecule and ring A is bent 
down from the equatorial planes of the other rings (18). However no large steric effects 
are introduced and since electronic interaction is much less than that for cholest-4-en-3- 
one the relative rates of equatorial and axial reduction increase equally. 

A previous study of the reduction of cholest-4-en-3-one with sodium borohydride in 
aqueous methanol reported (19) that 74% of the B-isomer was formed. However in the 
present work 95% of the 8-isomer was isolated and this is in agreement with the observa- 
tions that cholesta-4,6-dien-3-one (20) and cholest-1l-en-3-one (21) give essentially the 
8-isomer. In the present work 58% of cholestan-78-ol was formed in the reduction of 
cholestan-7-one. However, the reduction of 38-acetoxycholestan-7-one with sodium 
borohydride in aqueous methanol (14) was reported to give only 27% of cholestan-38,76- 
diol. The analysis was based on the assumption that the inseparable mixture of diols 
formed contained only cholestanediols. Cholestan-38-ol was probably also formed. 


EXPERIMENTAL 


The ketones used were those prepared in a previous study (12). 

Kinetics —The ketone (ca. 0.6 g.) was dissolved in anhydrous isopropanol (90 ml.) 
in a flask which was allowed to equilibrate in temperature in a constant-temperature 
bath maintained at 25.0+0.1°. A solution (10 ml.) of sodium borohydride (98% purity, 
ca. 0.3 N) in isopropanol was added and the flask rapidly shaken. The halftime of addition 
was taken as zero time and aliquots (10 ml.) were withdrawn at definite times and added 
to excess potassium iodate (0.1 .) containing potassium iodide. The halftime of delivery 
of the pipette was taken as the time of sampling. Sulphuric acid (10 ml., 2 V) was added 
and the liberated iodine titrated with 0.1 N sodium thiosulphate using starch as in- 
dicator (9). The rate constants were calculated from a second-order rate plot and straight 
line graphs were obtained up to 90% reaction. Each experiment was repeated 3 or 4 
times and the average results with their mean errors are given in Table I. 

Isolation of products.—All the optical rotation measurements were carried out with 
chloroform solutions at 25°. 

Cholestan-3-one.—A solution of 1.0 g. of this ketone in isopropanol (75 ml.) was mixed 
with sodium borohydride in isopropanol (75 ml., 0.3 N). After 24 hours at room tem- 
perature the solution was diluted with water and the cholestanols (1.0 g., m.p. 114—117°) 
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extracted with ether. The mixture was separated by chromatography on alumina into 
a-cholestanol (140 mg.), m.p. 180-182°, eluted with benzene and 8-cholestanol (840 
mg.), m.p. 135-138°, eluted with benzene-ether. 

Coprostan-3-one.—Similar reduction of coprostanone (300 mg.) gave a mixture of 
coprostanols (205 mg.), m.p. 82-85°, which could not be separated by chromatography. 
Treatment with digitonine in ethanol gave a precipitate (110 mg.) corresponding to 
8-coprostanol (26.3. mg.), and evaporation of the mother liquor gave a-coprostanol, 
m.p. 118°. 

Cholestan-7-one.—This ketone (500 mg.) was reduced as above and the oily product 
chromatographed on unwashed alumina using a proportion of 80/1. Hexane eluted 
cholestane (150 mg.), m.p. 77-79°. Hexane-benzene mixtures eluted successively choles- 
tan-7a-ol (110 mg.), m.p. 74-77°, and cholestan-78-ol (130 mg.), m.p. 114-115°. 

A4-Cholesten-3-one.—The crude product had [a]p°#“* 47.0°, corresponding to cholest- 
4-en-36-ol, [a]p 44°, 96%, and cholest-4-en-3a-ol, [a]p 121°, 4%. It could be separated 
by chromatography on alumina, using hexane—benzene (4/1) as eluent, into the a-alcohol 
(5%), m.p. 84°, and the 8-isomer (95%), m.p. 130-132°. 

A®-Cholesten-3-one——The two isomeric alcohols formed could not be separated by 
chromatography, but were separated by digitonine treatment into cholesterol (83%), 
m.p. 148-149°, and epicholesterol (17%), m.p. 140-141°, which was recovered from 
the mother liquors. 
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THE EFFECT OF ADDITION OF POTASH TO NICKEL CHROMITE 
CATALYSTS! 


H. C. ROWLINSsON? 


ABSTRACT 


Experiments are described on the dehydrogenation of butene-1 in the presence of steam, 
over three nickel chromite catalysts. These are: (a) pure nickel chromite, (b) nickel chromite 
pellets impregnated with potash from solution, and (c) a catalyst with potash added before the 
nickel oxide and chromium sesquioxide are combined. The oxidation state of the catalyst 
largely affects the products, for overreduction causes disruption of the hydrocarbons. The 
effect of the potash is to prevent this overreduction and thus to improve selectivity to 
butadiene. There is a difference between the behavior of catalysts with surface potash (type b) 
and those where the potash is distributed through the mass (type c). This difference is ex- 
plained by the formation of large pores on reduction of type (c) catalysts. 


INTRODUCTION 


The use of potash as a promoter has been extensively studied (1) for iron — synthetic 
ammonia catalysts. In addition it is widely used to encourage the water-gas reaction on 
dehydrogenation catalysts, and recently its effects on Cr2O;—-Al.0; have been investigated 
(2) for several reactions. This work reports the effect of potash additions to a nickel 
chromite catalyst used for the dehydrogenation of butene-1, and represents part of a 
larger study of olefin dehydrogenation catalysts which contain nickel chromite. In par- 
ticular, the difference is emphasized, in this case, between catalysts to which the KOH 
has been added to the bulk of the material, and those to which it is added by impregnation 
from solution. 


EXPERIMENTAL 

Preparation of Catalysts 

Three different catalysts were prepared; those of pure NiCr2O., those with 10 wt.% 
K,0 “built in’’, and those with the KO added on the surface. The nickel chromite was 
prepared from reagent grade Cr-O; powder and Ni(NO;)2.6H:O crystals. Upon warming 
of the appropriate mixture, the nitrate dissolved in its water of crystallization, and the 
whole was mixed to a homogeneous mush. In those catalysts where the potash was to be 
“built in’”’ it was added at this stage. This mixture was then heated to 900° C. for 3 hours, 
cooled, powdered, and pelleted with 2% graphite. The pellets used were cylindrical, 
4 in. X } in. The pellets were then fired at 1050° C. for 4 hours before use, and in the 
absence of KOH were shown by X-ray spectrography to be the spinel NiCr2O,4. Some of 
the pellets were then impregnated with a potash solution by immersion of 10 g. of pellets 
in 10 cc. of solution containing 0.3 g. of KOH. The pellets absorbed about 6 cc. in a few 
minutes at room temperature and thus contained approximately 0.125 wt.% of K,0. 
They were dried by heating slowly to 600° C. 


Reaction Conditions 

The reactor was a stainless steel (type 446) tube of internal diameter § in. and has 
been described elsewhere (3). A flow system was used with a bed volume of 10 cc. The 
butene-1 feed was diluted with 10 to 12 volumes of steam preheated to 600° C., and the 
product gases were collected over water, and analyzed in the mass spectrograph. Flow 
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rates of approximately 110 v/v per hr. were measured by a flow meter on the butene feed. 
Two estimates of the efficiency of the catalysts could thus be calculated: (a) percentage 
conversion, i.e., the mole percentage of butene that has decomposed, and (6) percentage 
selectivity, i.e., the mole percentage of the decomposed butene that is converted to 
butadiene. The butene in the product gas was normally the equilibrium mixture of 
1- and 2-butene, although butene-1 was the feed. 
RESULTS 

1. Performance of the Catalysts 

(a) Nickel Chromite Unpromoted 

This catalyst was stable below about 590° C., and gave, for example, a conversion of 
14% with a selectivity of 65% at 575° C. Above 590° C. the nickel chromite catalyst 
showed the phenomenon of ‘‘wildness” described by Reilly (4). This state allowed a 
cracking reaction to take over from the dehydrogenation, and thus caused a progressive 
increase in product gas, mainly H, and CHg. The selectivity to butadiene fell effectively 
to zero, and there was a considerable lay-down of carbon. 

(b) Nickel Chromite Impregnated with Potash Solution 

It was not found possible to make this catalyst ‘‘wild’’. In addition, the selectivity to 
butadiene was greatly improved, as is shown by the results in Table I. The catalyst as 
prepared by heating in air had a great amount of surface chromate and dichromate; this 


TABLE I 
DEHYDROGENATION OF BUTENE-| ON AN “‘IMPREGNATED”’ CATALYST (TYPE }) 














Temp., °C. Conversion, % Selectivity, % 
587 13.1 90 
613 15.5 5 
613 rt 82 feed <100 v/v per hr. 
637 25.0 81 
636 22.8 72 after air regeneration 
630 21.6 78 





was most easily shown by placing a pellet in cold water when the characteristic orange 
color was seen (2). Thus in the initial few minutes of the catalytic reaction the reduction 
of surface chromate took place with a consequent large production of COs. Finally it may 
be noted that there was very little lay-down of carbon on this catalyst. The amount of 
carbon lay-down was measured by burning it off with air and steam and collecting the 
CO; on ‘‘Ascarite’’. This burnoff was enacted every } hour for the unpromoted catalyst 
(a) above, but in the presence of surface potash it was found that steam alone would 
restore the activity of the catalyst and even this treatment was needed only after several 
hours’ use. Moreover, the use of air regeneration on the potash-promoted catalysts 
reduced its selectivity as is shown in the last two results in Table I. 

(c) Nickel Chromite with Potash Built In 

This catalyst also would not display ‘‘wildness’’, but two other characteristics dis- 
tinguished it from the catalyst with potash on the surface. The first is its behavior in the 
initial half hour of activity. A typical plot of the rates of formation of product gas against 
time is given in Fig. 1. The first product is largely CO2 and corresponds to the reduction 
of chromate; the subsequent rapid product-gas increase is mainly due to hydrogen for- 
mation and resembles a ‘‘wild’’ condition except that it tapers off to a performance 
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roughly equivalent to that of the impregnated catalysts, e.g., a conversion of 22% and a 
selectivity of 78.1 at a temperature of 622° C. This state is quite stable. 





LARGELY 
H2+CH4 BUTENE + BUTADIENE +Hz 


PRODUCT GAS (cm2/ 5 minutes) 














ie a ae oe ee ee 


10 5 20 25 30 35 
TIME IN MINUTES 





_ Fic. 1. Rates of product-gas formation against time for a ‘‘built-in” catalyst (type c). The rates are 
in cm.’ of gas produced over a 5-minute interval and are plotted at the end of each 5-minute interval. 


The second difference between catalysts (b) and (c) is that on the latter there is con- 
siderable carbon lay-down. On a given catalyst sample the amount of this lay-down is 
independent of the time the catalyst is in use, and for most samples was of the order of 
0.135 g. on 10 g. of catalyst (all samples contained 10 wt.% of K20). Experiments showed 
that all this carbon was laid down in the period between 5 and 15 minutes when the rate 
of product gas formation was large. Preliminary reduction of the catalyst with Hz gas 
removed the first part of the rate of gas formation curve, but did not remove the second 
(large gas production) part, nor did it affect the lay-down of carbon. 


2. Surface Area Measurements 

Surface areas of the potash-promoted catalysts were measured by the standard B.E.T. 
nitrogen-adsorption method. To check that chemisorption was not occurring (5), the 
areas were remeasured with argon at liquid oxygen temperatures. The. values of 16.2 A? 
and 15.0 A? were used for the cross-sectional areas of Nz and A respectively (6, 7). The 
results of these measurements are given in Table II, and the terms ‘‘oxidized’’ and 
“reduced” are discussed below. 


TABLE II 
SURFACE AREAS OF POTASH PROMOTED CATALYSTS (m.?/g.) 




















‘‘Impregnated” catalyst “Built-in” catalyst 
(type 5) (type c) 
With N2 With A With N. WithA 
Oxidized 2.19 2.20 0.672 0.646 
Reduced 3.32 3.39 11.4 11.9 
DISCUSSION 


The most obvious effect of the addition of potash to nickel chromite catalysts is the 
prevention of ‘‘wildness’’. This state is believed to be due (3) to the reduction of nickel 
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oxide to nickel metal, and it is the latter that is the disruptive catalyst. It is of interest 
that the tendency to ‘‘wildness’’ disappears also in potash-free catalysts containing more 
Cr2O; and less NiO (at approximately 75 mole % and more of Cr203). However, in this 
latter case reduction still takes place during catalytic action as is shown by the heat 
output on regeneration with air (independent of carbon burnoff). Presumably it is the 
agglomeration of reduced metal ‘‘ions” into metallic particles that is prevented by the 
excess chromia. Thus, it can be concluded that in the promoted catalysts the presence 
of potash on the chromia prevents either the reduction of metal oxide or the formation 
of metallic particles. However, the addition of potash to pure NiO does not prevent the 
‘“‘wildness”’ of this catalyst which sets in at about 520° C. 

The difference between catalysts with impregnated and “built-in’’ potash is an unusual 
one; there is, for example, no similar difference in the reduction of iron oxide for synthetic 
ammonia catalysts (8). A possible explanation is that the formation of potassium 
chromate in catalyst (c) leaves some NiO uncombined, and that the latter behaves in a 
“‘wild’’ manner until covered by carbon. This explanation must be rejected, for decreasing 
the percentage of NiO to zero does not affect the phenomenon illustrated in Fig. 1, nor 
the constant carbon lay-down. Thus, it seems most likely that there is a pore effect; the 
reduction of the potassium chromate in the case where the potash is distributed through 
the mass leaves a network of tiny pores in which the butene decomposes to carbon 
because the butadiene cannot diffuse out. This yields the large volume of He observed, 
and explains the constant carbon lay-down. When the pores are full of carbon the 
catalyst behaves like a surface-promoted one. The surface areas appear to support this 
explanation. For these measurements, used catalyst samples were oxidized to remove the 
carbon, and surface areas measured in the oxidized state. Then the samples were reduced 
briefly at 600° C. with hydrogen, so that there could be no lay-down of carbon, and the 
areas of the reduced catalysts measured. There is an increase in area by a factor of 
approximately 15 on reduction of the catalyst with the ‘“‘built-in’’ potash, whereas for the 
surface-promoted one the factor is 1.5. This difference must be ascribed to the formation 
of pores in the solid mass of the catalysts of type (c) due to the decrease in volume of 
K2CrO, when reduced to Cr2O; and KO. 
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THE CRYSTALLIZATION OF CALCIUM SULPHATE. DIHYDRATE! 


O. J. SCHIERHOLTz 


ABSTRACT 

In this preliminary series of experiments, calcium sulphate dihydrate has been allowed 
to crystallize spontaneously from solutions of varying degrees of supersaturation, and 
induction periods and rate constants have been determined. The effect of crystal area, 
pH, and accelerators and retarders on this process has been examined. The degree of super- 
saturation has a direct effect on both the induction period and rate constant. Nucleation 
is affected markedly by pH. Salts having an ion in common with calcium sulphate function 
as accelerators. Retarders affect the induction period in proportion to their concentration, 
but show little, if any, effect on the rate of crystallization. The behavior of the various re- 
agents under the conditions prevailing in these experiments is largely in accord with observa- 
tions on the behavior of commercial plasters. 


INTRODUCTION 

The work described in this paper was undertaken because of the apparent conflict 
of explanations offered in the literature for some of the phenomena observed in the 
setting of commercial gypsum plasters, which involves the crystallization of calcium 
sulphate dihydrate. A clearer understanding of the function of accelerators and retarders 
would be of considerable value in the manipulation of commercial plasters for specific 
purposes. 

The results of several previous studies (1, 2, 3) indicate that the hemihydrate dissolves 
to form a solution supersaturated with respect to the dihydrate, which then crystallizes 
out. Photomicrographic (1) and radioisotope (3) studies support this view, which has 
been discussed in relation to the theory of von Weimarn (2, 4). Some workers have 
suggested that the rate of solution of the hemihydrate is the controlling factor and that 
retarders function by affecting this rate of solution. 

In this paper, the first of a series, the reactants were all in solution initially, thus 
eliminating any effects attributable to the surface of the hemihydrate or its rate of 
solution. The influence of such factors as the initial supersaturation, crystal surface 
area of the dihydrate, pH, and addition of accelerators and retarders was then determined. 
The effect of temperature was not investigated at this time, hence the calculation of 
activation energies has not been attempted. 


EXPERIMENTAL 


The first attempts to obtain solutions supersaturated with respect to calcium sulphate 
dihydrate were by dissolving hemihydrate at 10°C. and raising the temperature to 
25° C. This was based on solubility data reported in the literature (5, 6). Because of 
difficulty in achieving complete, rapid solution of the hemihydrate, this method was 
abandoned in favor of the following. 

The calcium required for any desired supersaturation was weighed out as calcium 
hydroxide, dispersed in a little water, the equivalent amount of standard sulphuric 
acid added, and the solution made to final volume of 150 cc. with water. After thorough 
stirring, the solution was filtered through Whatman No. 41H paper into an aluminum dish. 
All these operations were performed at 10° C. The temperature was then raised to 25° C. 
in about 15 seconds by immersion of the aluminum dish in warm water. The solution 
was transferred to a large scratch-free test tube, fitted with a mechanical stirrer, and 


'Manuscript received November 7, 1957. 
Contribution from: Department of Chemistry, Ontario Research Foundation, Toronto 5, Ontario. 
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suspended in a thermostat at 25° C. A 1-ml. sample was taken immediately for analysis 


followed by others at suitable intervals of time. The pH of these solutions was close 
to 4.5, as determined by Accutint papers. The glass electrode pH meter could not be 
used because of the tendency of calcium sulphate to crystallize on the electrode surface. 
Samples for analyses were pipetted through a cotton filter and titrated against standard 
disodium ethylenediaminetetracetate (7) using a microburette. 


RESULTS AND COMMENT 

A plot of the calcium content of the solution against time gave a logarithmic type of 
curve (Fig. 1). If c is the concentration at time ¢, and c, the saturation concentration, 
then logi (c—c,) plotted against ¢ will be linear provided the crystallization obeys 
first-order kinetics. For pure solutions of calcium sulphate, c, was taken to be 1.53 X 10° 
moles liter~! at 25° C. (6). In cases where additives were present, c, was determined 
experimentally to a reasonable approximation. 

The general type of curve obtained is shown in Fig. 2. Most of the experimental curves 
depart from linearity towards the end of the run. For purposes of analysis, the solid 
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line has been replaced by dotted lines at both ends of the curve, and the point where the 
dotted line intersects the line projected horizontally at the level of the original con- 
centration was taken as the time f, the approximate starting point of the linear portion 
of the curve. Thus, the time interval preceding f is taken as the induction period. 

Fig. 3 illustrates the application of this method of analysis to the cases where the initial 
supersaturation was varied in the series 100%, 125%, 150%, and 175%. A curve for 
135% has been omitted for clarity. 


A. Effect of Supersaturation on the Course of Crystallization 

Starting with any given supersaturation (Fig. 3) the crystallization process appears 
to follow a first-order rate law over a large percentage of the reaction. This is shown 
by the relative constancy of the first-order rate coefficients calculated for various time 
intervals during a typical experiment (Table 1). It is also apparent that the process does 
not follow a second-order rate law. The first-order rate constants, calculated over the 
linear portions of the curves in Fig. 3, are given in Table II. 

The ends of the curves in Fig. 3 deviate considerably, indicating a more complicated 
process in the early and final stages. The deviation in the final stages may reflect the 
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™ Fic. 3. Plot of logio(c—cs) versus time for the following supersaturations: Expt. 176, 100%; Exot. 
190, 125%; Expt. 138, 150%; Expt. 188, 175%. 











TABLE I 
FIRST- AND SECOND-ORDER RATE CONSTANTS FOR CRYSTALLIZATION FROM A 175% SUPERSATURATED 
SOLUTION 
Time ke X105, 
intervals, to —t, (cy —Cs) X 104, (co—cs) X 104, k, X103, liter 
min. min. moles liter~! moles liter~! min.~! moles sec.~! 
45 to 140 95 249 131 6.7 3.8 
165 to 245 80 109.5 68.5 5.9 6.8 
280 to 340 60 59.5 47.0 4.0 7.5 
380 to 465 85 45.0 27.0 6.0 17.4 
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TABLE Il 
EFFECT OF INITIAL SUPERSATURATION ON to AND k 











Initial 
super- 

Expt. saturation, Cs X 104, cX10', (c —¢s) X 104, to, k, 
No. % moles liter~! moles liter~! moles liter} min. min.~! 
176 103.6 153 311.5 158.5 300 0.0023 
190 123.9 153 342.5 189.5 124 0.0034 
189 132.4 153 355.5 202.5 110 0.0037 
138 152.6 153 386.5 233 .5 62 0.0051 
188 175.2 153 418 265 40 0.0072 





lower solubility of larger crystals, but a more refined analytical method is required at 
these lower calcium concentrations to investigate this aspect with assurance. 

Close control of nucleation experiments is difficult to achieve. Within one set of 
experiments, e.g. Fig. 3 or Fig. 6, the curves obtained are reasonably reproducible and 
change in a logical fashion with systematic change in conditions. Unfortunately, quantita- 
tive comparison between experiments performed at widely different times is poor. For 
example, Expt. 188 (Fig. 3) and Expt. 71 (Fig. 6) do not agree in rate coefficient although 
made under nominally the same conditions several months apart. 

In general, however, the observed effect of supersaturation on rate coefficient appears 
to be in accord with von Weimarn’s theory that the initial velocity of nucleus formation 
is proportional to the relative supersaturation. It is possible that the results obtained 
might be explained by assuming that the crystals are growing in one direction only, i.e. 
deposition on a constant surface area. However, much more experimental data is needed 
to substantiate this. 

The crystals produced in this series of experiments were all mixtures of the acicular 
and twinned types (Fig. 4), as found by earlier workers. There was some variation 
in the proportion of the two types, but no regular trend was found, as would be expected 
if the supersaturation were the dominant influence. 


B. Effect of Crystal Surface Area on Crystallization 

In a series of experiments the area of crystal surface in contact with the crystallizing 
liquid was varied. Apparently calcium sulphate behaves normally in this respect. The 
results, shown in Table III, suggest that the area for crystal growth is substantially 
constant over the linear portion of the logi(c—c,) vs. time curve, which may be a con- 
sequence of the acicular nature of the crystals with growth occurring predominantly on 
one face and that the process is diffusion controlled with the film of solution immediately 
in contact with a growing face being only slightly supersaturated. 

TABLE III 
EFFECT OF CRYSTAL SURFACE AREA ON k 











Expt. No. Modification Point of modification k, min. 
188 None — 0.0072 
185 Crystals added 27% Crystallized 0.0113 
192 Crystals crushed 30% Crystallized 0.0110 
187 Crystals removed 27% Crystallized 0.0034 





C. Effect of pH on Crystallizition Rate 
Most of the experiments reported in this paper were made at pH 4.5. However, a 
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Fic. 4. Acicular and twinned types of crystals found throughout these experiments. 200 X 
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number of experiments at higher pH gave rather striking results, shown in Table IV 
and Fig. 5. All pH adjustment was made by adding the required additional amount of 
calcium hydroxide. 


TABLE IV 
EFFECT OF pH ON fp AND k 











Expt. No. % Supersaturation pH to, min. k, min.“ 
138 150 4.5 62 0.0051 
170 150 5.5 314 0.0023 
181 150 6.6 375 0.0017 
191 175 4.5-6.6 42 0.0072 
188 175 4.5 40 0.0072 





It is apparent that the length of the induction period and, to a lesser extent, the 
rate constant are markedly affected as the pH approaches the neutral value. In Expt. 
191, pH 4.5 was maintained until about 27% of the material had crystallized out and 
the normal rate for the prevailing conditions had been established. Adjustment of the 
pH to 6.6 at this stage had a negligible effect on the rate, giving further indication that 
the rate constant is determined by conditions existing at the end of the induction period. 


D. Effect of Accelerators, Retarders, and Salts Having No Common Ion 

A series of experiments were made, starting with pure calcium sulphate solution at 
175% supersaturation, with the additions shown in Table V. The quantities of reagents 
were chosen arbitrarily, but were of such a magnitude as to clearly show their effects 
in these solutions. They are not particularly related to quantities used in commercial 
plasters. 


TABLE V 
EFFECT OF ADDITIONS ON fo AND k 











Concn. of 
addition, Cs X 104 to, k, 
Expt. No. Addition moles liter moles liter™ min. min.—! 
72 K,SO, (23 X 107%) 112.4 6 0.0432 
92 CaCl, (4.41074) 139 6 0.0177 
71 Control 153 50 0.0096 
96 NaCl (59 X 107%) 195 60 0.0092 
109 Retarder (2.75 107%) 153 98 0.0080 
104 Retarder (5.5X 107%) 153 182 0.0082 





In the results shown in Table V and Fig. 6, the values of c, were determined by experi- 
ment. These values for Expts. 92 and 96 agree well with values interpolated from the 
literature, although that for Expt. 72 is possibly 10 units lower than the corresponding 
value inferred from the literature. However, in this case the data are very scarce. 

Inorganic salts added to a solution of calcium sulphate 175% supersaturated with 
respect to the dihydrate may affect the course of events by (a) changing c, and thus 
the initial supersaturation, (6) by affecting nucleation in other ways, or (c) by affecting 
the rate constant other than through the change in initial supersaturation. 

Salts containing a common cation or anion functioned as accelerators, producing 
a short induction period and high rate constant. The value of c, is decreased, thus in- 
creasing the initial supersaturation, but extrapolation of the data of Table II by plotting 
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Plot of logio(¢ —cs) versus time for solutions containing various additives. 


logis R against (¢,—c,), where ¢ is the initial concentration, indicates that this would 


account for only 


extrapolation inv 


saturation and k 


part of the high k& value found (0.0113 min.~! of 0.0432 min.-'). This 
olves the assumption that the same relation between initial super- 
holds for both pure and salted solutions. 


Salts having no ion in common with calcium sulphate showed little effect on the 


induction period 


or the value of k. The c, value was markedly increased, hence the 


initial supersaturation reduced. Extrapolation of data, as above, indicates a k value 
of 0.0046 min.—! 
sodium chloride, 
which is offset by an increase in solubility of calcium sulphate. Sodium chloride did 


instead of 0.0092 min.—! for Expt. 96. Thus it might be argued that 
for example, has an accelerating effect on the crystallization process 
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not act as an accelerator in the same sense as did potassium sulphate, nor did it behave 
analogously to aluminum sulphate, which is widely used as an accelerator in commercial 
plaster. 

Where retarders are present, the induction period is considerably greater and roughly 
proportional to the amount of retarder used. When crystallization finally begins, it 
proceeds at a rate not greatly different from that of the control sample. This behavior 
tends to support the view that retarders function by covering the nuclei as they form, 
until the supply of retarder is exhausted. Nucleation and subsequent crystallization 


then proceed unhindered. Evidently the retarder is not acting by interfering with 
diffusion. 
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THE SYSTEM KOH-K:CO;-H.O AT LOW TEMPERATURES 
I. PHASE EQUILIBRIA! 


A. A. LANG AND A. J. SUKAVA 


ABSTRACT 


Phase diagrams for the system KOH-K:,CO;-H:0 were determined for 25°, 10°, 0°, —10°, 
—20°, —40°, and —60°. The stable hydrates of potassium hydroxide were the di- and tetra- 
hydrates; those of potassium carbonate were the sesqui- and hexa-hydrates. No compound 
formation between KOH and K.2CO; was detected. 


INTRODUCTION 

Very few data for the ternary system KOH-K.2CO;-H,20 are found in the literature. It 
is known (1) that at 30° this system is univariant when the solution contains 55.14% 
potassium hydroxide and 2.05% potassium carbonate, the equilibrium solid phases 
being KOH.2H2O and K.CO;.38/2H.O. The hydrate K2CO3.6H2O exists at —18° in 
equilibrium with a solution containing 8.80% potassium hydroxide and 36.11% potassium 
carbonate (2). 

According to some of the older published data for the binary system KOH-H:20 
(3, 4, 5, 6), anhydrous potassium hydroxide is stable above 143°. Below this temperature 
the successive stable forms are the mono-, sesqui-, di-, and tetra-hydrates at intervals 
down to a eutectic at — 66°, at which point the tetrahydrate is in equilibrium with ice 
and a solution containing 30%) potassium hydroxide. In partial contradiction, a more 
recent report (7) claims that potassium hydroxide hydrates with 5, 6, 8, and 18 moles of 
water also exist, and that the binary eutectic lies at —82.5° with the hexa- and octa- 
hydrates in equilibrium with a solution containing 31.2% potassium hydroxide. 

Published data for the binary system K2CO;-H:20 show quite conclusively that the 
stable hydrates of potassium carbonate are the mono-, sesqui-, and hexa-hydrates. The 
hexahydrate exists down to a eutectic with ice at —36.5° (2, 8, 9, 10). 

The results reported in the present paper arise from part of a study of some physical 
properties of aqueous solutions containing potassium hydroxide and potassium carbonate 
in the temperature range from 25° to —60°, a study which constitutes part of a more 
general investigation of the properties of alkaline battery electrolytes. Ternary phase- 
equilibrium data are presented for this temperature range. 


EXPERIMENTAL 

The temperature from 25° to — 10° was kept constant to within +0.02° with a Townson 
and Mercer X-27 bath. A Kelvinator refrigerating unit served as cooling equipment. 
Water and ethylene glycol — water solutions were used as bath liquids. A Townson and 
Mercer X-160/U bath was used for temperature control from —20° to —60°. This bath 
employed petroleum ether as bath liquid, with a Dry Ice —acetone cooling mixture 
surrounding the heat exchanger. It held the temperature constant to within +0.05°. 

The thermometers employed were mercury-in-glass and toluene-in-glass for the higher 
and lower temperatures respectively. These were calibrated against certified standards. 
The calibration and reading of the. thermometers are considered the major sources of 

1Manuscript received January 21, 1958. 
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error in the temperature measurements. By our estimation the maximum accuracy of 
these measurements probably varies from about +0.05° at 25° to about +0.5° at — 60°, 
despite the more precise temperature control. 

All the saturated solutions were prepared from reagent grade chemicals and distilled 
water. The mixtures were stirred in covered Pyrex vessels held in the temperature bath, 
with the stirring usually prolonged for 2 or 3 days to ensure equilibrium. Samples of 
liquid and wet solid phases were separated by suction through sintered-glass filters and 
weighed quantities of these were analyzed by titration with hydrochloric acid. The com- 
positions of equilibrium solids were determined by the ‘‘wet residue’ method. 


RESULTS AND DISCUSSION 


The analytical data and composition of equilibrium solids are given in Table I. Typical 
phase diagrams are shown in Figs. la and 6 and 2. Fig. 3 shows all the liquidus curves. 
Some of the univariant points, or isobaric triple points, were determined by direct 
analysis of the equilibrium solutions, while others were found by extrapolation as in- 
dicated. 

The course and shape of the liquidus curves in Fig. 3 seem to suggest that the extra- 
polated values for the two equilibria, (i) KOH.4H.O — K2CO3;3.6H:O — saturated solution 
at —40° and (ii) KOH.4H,0 — ice — saturated solution at — 60°, probably lie in metastable 
regions. No attempt was made to investigate these small regions by actual experiment. 

The narrow range of liquid composition in equilibrium with potassium hydroxide 
dihydrate at 25°, 10°, and 0° was not investigated. The solubilities of pure potassium 
hydroxide were obtained from existing literature (1) and are shown as such in the tables. 

The data for —10° show that potassium carbonate sesquihydrate is readily obtained 
in metastable equilibrium at this temperature with solutions containing less than about 
7% potassium hydroxide. The rate of transition of the potassium carbonate sesqui- 
hydrate to the stable hexahydrate was found to be very slow even at temperatures 10° 
to 15° below the known transition point (—6.2° (2)). Seeding with hexahydrate crystals 
was necessary to promote the transformation. These results are in agreement with those 
of other studies (2). 

A special effort was made to detect the hydrates KOH.5H2O and KOH.18H,0, which 
have been reported (7). According to this report, the range of existence of the penta- 
hydrate is supposed to be from —43° to —62.5°, with equilibrium solutions ranging from 
38.5 to 33.7% potassium hydroxide. That of the octodecahydrate is supposed to be from 
— 32° to —75.5°, with solutions ranging from 22.5 to 30.2% potassium hydroxide. If these 
hydrates do indeed exist, as claimed, their presence should have been shown by our data 
for —40° and —60°, especially since the results of our analyses were usually reproducible 
to within +0.2%. We found no such evidence. In particular, it would appear that steric 
effects would preclude the existence of a hydrate with 18 moles of water per mole of 
potassium hydroxide. It is noteworthy too that extrapolation of our ternary data to0% 
potassium carbonate (to give the solubility curve for pure potassium hydroxide in water) 
will show a trend which supports the older arguments (3, 4, 5, 6) according to which the 
eutectic for the binary KOH—-H;0 system lies at —66°, with the hydrate KOH.4H,O 
and ice in equilibrium. 

It should also be noted that, since our data do not extend below —60°, the possible 
existence of a sharp ternary eutectic with a low concentration of potassium carbonate 
cannot be discounted on present evidence. Such a possibility might indeed offer at least 
a partial explanation of the —82.5° value reported as the eutectic temperature for the 
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0 50.80 §|| 29.42 3.35 35.0 1.90 
5.09 44.21 2.42 66.2 . $131.36 1.23 37.5 0.72 * 
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ae Seidell (1), by interpolation. {From Seidell (1). {Extrapolated. § Metastable. 
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KOH-H.0 system (7). This seems the more likely, since reagent grade potassium hy- 
droxide, unless intensively purified, is liable to contain a small percentage of carbonate, 
and since the investigators reporting this low eutectic point probably used such un- 
purified hydroxide. The possible absorption of atmospheric carbon dioxide by the 
potassium hydroxide solutions might also have been overlooked. 

We recognize the obvious inadequacy of our data for the temperature range between 
—20° and —60°. Plans are being made to complete these data at some future date, by 
investigating this system at —30° and —50°. 
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THE POLARIZED FLUORESCENCE OF VERY THIN 
ANTHRACENE CRYSTALS“? 


J. FERGusON*® AND W. G. SCHNEIDER 


ABSTRACT 

The polarized fluorescence from anthracene sublimation flakes has been measured at 300°, 
77°, and 4° K. A recording spectrometer was used to measure accurately the relative intensity 
of the two crystal polarizations and also to determine changes in the spectrum between 77° 
and 4° K. The polarization ratio (b/a) was found to decrease with increasing wavelength and 
measurements made at 77° and 4° K. indicate that there is more than one emitting level and 
that these have different polarization properties. The fluorescence arises from regions of weak 
absorption in the crystal and it is suggested that these regions occur in the neighborhood 
of imperfections. In addition the polarized fluorescence excited from anthracene subiimation 
flakes containing traces of tetracene has been determined and changes were found in the 
transfer efficiency between 77° and 4° K., again suggesting the presence of more than one 
emitting level. No depolarization of the tetracene fluorescence was observed at low tem- 
peratures. 

INTRODUCTIGN 

The optical spectra of crystalline anthracene are important for the development of a 
theory of molecular crystal spectra and also to help in the elucidation of the mechanism 
of photoconduction. The purpose of the present communication is to report new studies 
of the fluorescence emitted from crystals of anthracene both at room temperature and 
low temperatures and to re-examine the interpretation of the origin of this fluorescence. 
For this pure single sublimation flakes of anthracene were used as well as single flakes 
deliberately contaminated with tetracene. 

Previous measurements of anthracene crystal fluorescence at low temperatures have 
been made by the following workers: Obreimov, Prikhot’ko, and Shabaldas (1), Pesteil 
and Barbaron (2), Tsujikawa and Kanda (3), and Sidman (4). All these authors noticed 
the development of ‘‘fine’”’ structure at very low temperatures and Pesteil and Barbaron 
have measured some 115 of these ‘‘lines’’. Perhaps more important than the appearance 
of this structure is the polarization ratio, here defined as the ratio of the intensity of the 
fluorescence vibrating parallel to the 6 crystal axis to that vibrating parallel to the a 
axis. The earliest measurements of polarization ratio were made by Obreimov, Prikhot’ko, 
and Shabaldas (1) and with a rather crude visual method they obtained a }/a ratio 
of 5.5:1, measurements being made at room temperature and low temperatures. 
Ganguly and Chaudhuri (5) have made measurements at room temperature but as 
mentioned in our earlier communication (6) their result suffers from the use of large 
crystals and subsequent diminution of the polarization ratio by reabsorption. Pesteil 
(7) has reported polarization ratios for anthracene single crystal at room temperature, 
but these are referred to the axes of the optical indicatrix and two of these axes vary 
with wavelength. 

In our earlier communication (6) we reported that the polarization ratio at room 
temperature is about 5:1 and suggested that the reason for this is because the emitting 
levels are predominantly those regions of the crystal where lattice symmetry is disturbed. 
The present work reports more fully these results and extends them to low temperatures. 
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EXPERIMENTAL 


In order to measure quickly and accurately the fluorescence spectra a photomultiplier 
was used in place of the photocell compartment and cell block of a Beckman DU Spectro- 
meter. The crystal and necessary optical accessories were placed on an optical bench 
running at right angles to the length of the spectrometer. The fluorescence was excited 
by a BTH high-pressure mercury lamp and two filters were used to obtain only 3650 
A radiation (Corning 9863 and 5860). 

The power supply and amplifier were provided by a Photovolt Photometer No. 520M 
and a Varian G10 recorder was used in series. A constant-speed motor through a system 
of gears was used to drive the wavelength knob of the Beckman spectrometer at such a 
speed that the wavelength range 5000-4000 A was covered in 5 minutes. Continuous 
recording of fluorescence spectra could therefore be made. 

For room temperature measurements single anthracene sublimation flakes were 
mounted on a very clean silica disk. This disk was then placed over a pinhole so that 
it was possible to rotate the crystal centrosymmetrically through 180°. At first a Wollaston 
prism was used as an analyzer (placed between the crystal and the slit of the mono- 
chromator) but this was later replaced with a piece of polaroid equally satisfactory 
and more convenient. 

For the low-temperature measurements a liquid-helium cell of the type described 
by. Duerig and Mador (8) was used, minor modifications being made in the cell piece. 
The sublimation flakes were mounted on small silica disks and these fitted into copper 
pieces which slide into slots in the cell block at right angles to the light beam. A good 
portion of each crystal was selected and the remaining parts of the silica disk were 
painted over with Aquadag. In this way it was possible also to determine the absorption 
spectrum of each crystal. The cell was designed so that two crystals could be used in 
each assemblage of the apparatus. As it was not possible to rotate the crystals, the 
polaroid analyzer was rotated in order to obtain the two crystal polarizations. This 
necessitated a calibration of the spectrometer plus photomultiplier in order to com- 
pensate for slight changes in transmission of polarized radiation as the plane of polari- 
zation is changed. 

A final calibration of the unit was obtained with a tungsten strip filament operated 
at known color temperature. In all cases the slit width of the spectrometer was kept 
constant during the recording of a spectrum and was normally about.0.2 mm. 

Liquid nitrogen and liquid helium were used to cool the crystals. With liquid helium 
a small amount of helium gas (about 10-* mm.) was momentarily introduced into the 
cell to act as thermal exchange gas to reduce the temperature of the sample to 4° K. No 
direct measurements of the temperature of the crystals were made. 

The sublimation flakes were grown in a metal crucible in an atmosphere of carbon 
dioxide in the absence of light. The crystals grew on a filter paper placed over the mouth 
of the crucible and suitable ones were transferred to the silica disks with a sewing needle 
mounted in cork. 

RESULTS 
A. Room Temperature Measurements 

Pure Anthracene 

Fluorescence spectra from a number of single crystals were recorded. The spectra 
are similar to two reported elsewhere (9) and have not been included here. Only the 
polarization properties will be mentioned. 
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Fluorescence emitted normal to the abd plane is strongly polarized with maximum 
intensity (7,) when the electric vector is parallel to the } crystal axis and minimum 
intensity (J,) parallel to the a crystal axis. If the crystal is rotated and the intensity of the 
fluorescence is measured through an analyzer, held fixed, the resultant intensity will 
be given by J,cos?6 + J,sin?@, where 6 is the angle between the 0 crystal axis and the 
electric vector direction of the analyzer. The maximum and minimum correspond re- 
spectively to J, and J, and the ratio J,/J, is the polarization ratio. 

Fig. 1(a) shows two such curves, one measured at 420 mu, the other at 445 mu (two 
maxima in the fluorescence spectrum). They represent typical results for thin anthracene 
sublimation flakes and correspond to polarization ratios of 5.3:1 (420 my) and 4.2:1 
(445 my). This variation of polarization ratio with wavelength is important and will be 
discussed later. 
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Fic. 1. Variation of fluorescence intensity as a function of 6, the angle between the electric-vector 
direction of the analyzer and the b crystal axis: (a) anthracene fluorescence spectrum, 420 and 445 my 
maxima; (b) tetracene fluorescence spectrum, 498 and 534 my maxima. 


The measurements at room temperature can be summarized thus: 

(a) Spectra emitted from different crystals, on the whole, are similar, showing only slight 
variations, mainly in the amount of reabsorption which depends on crystal thickness. 

(b) The polarization ratio is not constant and decreases with increasing wavelength. 
For the 420 my maximum it is in the range 5.0:1—5.5:1. 

(c) Even for very thin crystals the first maximum in the a-polarized spectrum (about 
400 my) is less intense than the second maximum (about 420 my). There is thus evidence 
of an abnormal distribution of intensity in the a-polarized fluorescence. 

Anthracene Containing Tetracene 

When very small amounts of tetracene are included in anthracene the fluorescence of the 
latter is strongly quenched giving rise to the bright green-yellow fluorescence of the 
former (10). j 

The fluorescence from a single crystal of anthracene containing tetracene is also 
strongly polarized and Fig. 1(b) shows typical results obtained. The two curves are 
analogous to those of Fig. 1(@) and correspond to the first and second maxima in the 
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tetracene fluorescence spectrum. The polarization ratios are 4.5:1 and 4.4:1 respectively 
and unlike anthracene, therefore, the polarization ratio does not change with wavelength. 


B. Low Temperature Measurements 

Pure Anthracene 

Obreimov, Prikhot’ko, and Shabaldas (1) conclude that ‘different crystals produce 
different fluorescence spectra. The lines in the spectrum differ in width and, perhaps, 
in relation to intensity. Curiously the widest bands were found in the spectrum of a 
crystal supposedly “blue” i.e., of a pure crystal. Spectra of green crystals are composed 
of narrow bands’”’ 

These conclusions were substantiated in the present work, although the poor dispersion 
of the spectrometer did not allow resolution of the spectrum into ‘“‘lines’’, but indications 
of these were obtained in one or two favorable cases. 

Because of the variation in the fluorescence spectra from different crystals it is necessary 
to include a number of spectra and these have been chosen to emphasize particular 
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differences. The spectra shown in Fig. 2(a@) were obtained at 77° K. As can be seen, the 
spectrum parallel to the 6 crystal axis is more intense than that parallel to the a crystal 
axis. In addition, the polarization ratio is not constant, but decreases with decreasing 
energy (increasing wavelength). As at room temperature the intensity distribution in 
the a polarization is abnormal and most of the intensity is carried in the second maximum. 

Fig. 2(b) shows spectra obtained from another crystal, measured at 77° and 4° K. 
The effect of lowering the temperature is to alter slightly the intensity distribution 
in both crystal polarizations and decrease the over-all polarization ratio but not uniformly 
throughout the spectrum. The highest energy 0-polarized band is broader than the 
similar band in Fig. 2(a) and the effect of lowering the temperature is mainly to increase 
the intensity of the low-energy side of this band. 

Fig. 2(c) shows the spectrum of a crystal having an absorption spectrum nearly identical 
with that in Fig. 2(a). As can be seen from a comparison with Fig. 2(a) the fluorescence 
spectra are different. This crystal has a new maximum appearing at about 24,400 cm.~! 
in both polarizations. The measurements were taken at 77° K. 

Fig. 2(d) shows an example of the marked changes that some crystals exhibit when 
cooled from 77° to 4° K. The spectrum at 77° K. is similar to that in Fig. 2(c) except for 
a redistribution of intensity. 
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Fic. 3. Examples of the variation in the fluorescence spectrum excited from crystals 2-3 u thick. 
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Examples of fluorescence spectra from thicker crystals are shown in Fig. 3. The in- 
dividual variations in spectra are not so marked as with the thinner crystals and the 
bands are broader. 

Anthracene Containing Tetracene 

Because of the variation observed in the fluorescence of pure anthracene crystals 
it was decided to deliberately introduce tetracene in very small quantities and study 
the effect of temperature on both the anthracene and tetracene fluorescence, the latter 
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Fic. 4. Examples of the variation with temperature of the fluorescence spectrum of anthracene crystals 
containing traces of tetracene. 
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acting as an ‘‘internal standard’’. Previous measurements with anthracene crystals 
containing tetracene at 20° K., by Sidman (11), were made on crystals in which the 
tetracene concentration was so high that nearly all of the fluorescence came from the 
tetracene, and the anthracene fluorescence was not photographed. 

Fig. 4(a@) shows a most marked effect of temperature on the transfer efficiency as 
well as a simultaneous alteration of the anthracene spectrum, observed with a crystal 
about 10-' M./M. At 77° K. the anthracene emission amounts to 0.50 of the whole, 
while at 4° K. this fraction is 0.79. 

Fig. 4(b) shows a result similar to that in Fig. 4(a), obtained with a crystal containing 
slightly more tetracene (about 2X10-' M./M.). In this case the fraction of the energy 
emitted by the anthracene is 0.25 at 77° K. and 0.35 at 4° K. Again there is a change 
in the anthracene spectrum but it is less marked. 

As well as a decrease in transfer efficiency at 4° K. some crystals showed an increase 
and Fig. 4(c) is an example of the fluorescence emitted from such a crystal. The fraction 
of energy emitted by anthracene is 0.32 at 77° K. and 0.18 at 4° K. Again there is a 
change in the anthracene spectrum. 

Before proceeding with a discussion of the results we shall summarize the observations 
with pure anthracene crystals. 

(1) Fluorescence spectra from different crystals are different, as reported earlier by 
Obreimovy, Prikhot’ko, and Shabaldas (1). In addition it should be noted that the bands 
are sharper with very thin crystals (about 0.2 yw). For thicker crystals the bands are 
broader. 

(2) In most very thin crystals a considerable rearrangement of the intensity occurs 
when the crystal is cooled from 77° to 4° K. 

(3) As well as the rearrangement of the intensity which occurs between 77° and 4° 
there is a change between room temperature and 77° K. In both cases the effect is to 
decrease the fluorescence occurring at lower energies relative to that nearer the origin 
so that an approximate mirror-image intensity relation to the absorption spectrum is 
lost. 

(4) The polarization ratio is not constant and at the high energy region of the spectrum 
it is greater than 7: 1. 

(5) The spectra are all displaced to lower energies at low temperatures but the dis- 
placement is not the same for each crystal, the thinnest crystals being displaced the 
least. 

(6) The changes in intensity which occur in some crystals when they are cooled from 
77° to 4° K. indicate the presence of more than one emitting level with different polari- 
zation properties, e.g. Fig. 2(c). 

DISCUSSION 

Craig (12) has extended the theory developed by Davydov (13) to include crystal- 
induced mixing of the ‘Bo, and 'B;, molecular states of anthracene. He showed that 
when second-order crystal-field perturbations are included in the crystal wave functions 
the polarization ratio for the 3800 A anthracene system is reduced from 7:1 (b:a), given 
by first-order theory (identical with the oriented gas model), to about 3:1. A sub- 
sequent detailed measurement of the extinction coefficients of the a- and b-polarized 
absorption in anthracene single crystals at room temperature by Bree and Lyons (14) 
has substantiated the theory of Craig. 

Although theory satisfactorily interprets the absorption spectrum, except in the 
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region of the b-polarized absorption edge (considered in a later publication), it predicts 
the wrong polarization ratio for the fluorescence spectrum. This quantity should be 
about 3:1 and furthermore it should be constant throughout the spectrum. The reason 
for this failure will now be discussed but first we must consider an interpretation of the 
fluorescence spectrum at low temperatures advanced by Sidman (4). Sidman has sug- 
gested that emission originates from trapped exciton levels postulated by Frenkel (15) 
and that these levels are observed both in absorption and fluorescence. The reasons 
advanced for this interpretation are: (a) the absorption in the b-polarized edge of the 
absorption spectrum (origin of the fluorescence spectrum) is weak because the tran- 
sition is to a trapped exciton state and involves lattice relaxation around an excited 
molecule; (b) the condition |Dux| >> |Jmx| given by Frenkel is fulfilled. 

As regards (a), such a non-vertical low probability transition should increase the decay- 
time of the fluorescence emission as the temperature is decreased to 4° K. because all 
of the emission comes from these levels at this temperature. However, Elliot, Liebson, 
and Ravilious (16) find the decay-time to be decreased by a factor easily explained by the 
reduced overlap between absorption and fluorescence spectra as the temperature is 
lowered. As the emission at very low temperatures has a decay-time only slightly changed 
from the room-temperature value we must not, therefore, look for an explanation for the 
weak absorption in the absorption edge in terms of a low-transition probability to these 
levels. 

The condition |Djx| >> |Jmx| given by Frenkel for the formation of trapped excitons 
is an approximation made for the particular type of crystals that he considered, i.e. 
ionic crystals. Frenkel has made it clear that if the excitation energy remains on an atom 
or molecule in the lattice the others will adjust themselves to the new conditions and 
this will correspond to a smaller potential energy than for the case when the energy 
is transferred before the lattice relaxation takes place. Frenkel assumed that this change 
in energy is of the order of |D,x| (the change in energy of interaction between an atom or 
molecule and the surrounding ones when it is brought into an excited state), but the same 
assumption grossly overestimates the energy of relaxation of the lattice around an ex- 
cited molecule such as anthracene where the interaction forces are of the van der Waals 
type. In view of this and the lifetime measurements we must look further than the 
trapped exciton treated theoretically by Frenkel. 

As we are dealing with real crystals the crystal wave functions will be of two types: 
those having the symmetry of the 3-dimensional space group (or closely approximating 
this) and those which do not have this symmetry, i.e., surfaces and various imperfections. 
In the case of the experimental absorption spectrum the energy levels of the former case 
will dominate the over-all crystal absorption and good agreement is to be expected 
between theory and experiment. However, for fluorescence, the levels of lowest energy 
are important in view of the large mean free path of the exciton, and if crystal levels of 
the latter type exist with energy less than the former type then these will be expected to 
dominate the fluorescence process in spite of their low concentration. It should be pointed 
out here that the trapped exciton envisaged by Frenkel applies to the perfect lattice and 
transitions to and from these levels would be expected to have the same energy in different 
crystals, i.e., fluorescence spectra from different crystals should be identical. Fluorescence 
arising from imperfections of course corresponds to trapped excitons in the broad sense 
but not in the sense used by Frenkel. 

In this communication we shall not attempt a quantitative calculation of the changes 
to be expected in the characteristics of the emission from surfaces and imperfections but 
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shall limit ourselves to some qualitative conclusions. The two sets of molecules in the 
anthracene lattice are so oriented that the total interaction which determines the splitting 
between the two energy levels corresponding to a single molecular Bs, level is nearly zero, 
although some individual interactions are large. We might expect therefore that slight 
perturbations to the lattice structure will in some cases upset this balance and split the 
levels to a much greater extent than occurs in regions where the crystal symmetry ap- 
proximates to the 3-dimensional space group. In other cases where the effect of the per- 
turbation is larger it is probable that a very small number of anthracene molecules have 
energy levels lying below the level of the perfect lattice and, providing sufficiently low 
temperatures are used, these molecules will not be able to exchange their excitation 
energy with the neighboring molecules of the lattice and the fluorescence will show a fine 
structure as is observed when anthracene is an impurity in another lattice, e.g., in 
phenanthrene and in naphthalene (17). Such a model explains the appearance of fine 
structure which is seen at about 20° K. and also that the width of these ‘“‘lines” varies 
from crystal to crystal. 

Although the effect of imperfections on the energy levels must be somewhat complex, 
in all cases the polarization ration will be changed from the crystal-induced value of 3:1 
towards the oriented gas value of about 7:1. 

As well as emission arising from imperfections we must consider also the possibility 
of emission from exciton levels with wavenumber vector (k) greater than zero for the 
case that the level corresponding to k = 0 is not the one of least energy. Such an emission 
process requires the simultaneous creation of a phonon with wavenumber equal to the 
difference between the wavenumbers of the emitted photon and the exciton. The fluores- 
cence arising in this manner will occur at lower energies than the optically allowed 
absorption to the level k = 0 as is observed; however, the polarization ratio in this case 
should be very close to the value in absorption. As the emission spectrum of the crystal 
is complex we must not overlook such a mechanism for at least a part of the total emission. 

If the observations summarized at the end of the results section are now consulted it will 
be seen that these are consistent with the emission arising mainly from imperfections. It 
is possible to go further and deduce that some of these levels correspond to considerably 
distorted regions of the lattice. This must be so in order to explain the movement of 
intensity towards the origin of the fluorescence (e.g. Fig. 2(c)) and the subsequent loss 
of a mirror-image intensity relation to the absorption spectrum observed in solution (9). 
In such regions the potential energy surfaces of the excited state must lie more nearly 
over those of the ground state than is the case for the normal lattice. In addition, from the 
very high polarization ratio near the origin of the fluorescence the emission from these 
levels is mainly 6 polarized. 

In principle we can distinguish between two types of imperfection that might be 
present in the crystals used but unfortunately no control over the presence of the second 
of these was possible. The two types are growth imperfections and those introduced into 
the crystal by mounting on silica. The latter must be important as the flakes adhere 
strongly to the silica surface and the strain involved must be considerable, particularly 
in thin crystals where the large variation in the fluorescence is no doubt explained in 
part by the imperfections introduced by mounting. In view of this it would be difficult 
to set up any satisfactory model to examine quantitatively the effect of imperfections. 

The interpretation of the fluorescence from pure anthracene is substantiated by 
measurements made on crystals containing tetracene. Obviously the introduction of 
tetracene constitutes an imperfection and one that is a very efficient trap for anthracene 
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excitation energy so it is necessary to keep the concentration very low in order to detect 
fluorescence from the anthracene. If the regions close to the included tetracene represent 
the only imperfections in the anthracene lattice we would not expect to find any change 
in the transfer efficiency when the temperature is changed from 77° to 4° K. provided 
the thermal degradation of the excess energy is not altered. However, the results shown in 
Figs. 4(a) and 4(b) indicate that there must be imperfections at considerable distances 
from the tetracene molecules. We can say this because the transfer efficiency is decreased 
in going from 77° to 4° and from earlier work (9) we know that the critical intermolecular 
distance for transfer of energy between anthracene and tetracene is about 44 A so that 
in these crystals excitation energy must be trapped by anthracene (imperfections) at dis- 
tances greater than 44 A at the lower temperature. The striking feature about this process 
is that the fluorescence from the latter regions is markedly different in intensity distri- 
bution and energy from the fluorescence observed at 77° K., as can be seen. 

It is possible therefore to detect more than one emitting level in these crystals, but it 
must not be assumed that these on the average are always located at considerable dis- 
tances from the tetracene impurity and this is shown by Fig. 4(c). In this case where the 
transfer efficiency is increased between 77° and 4° K. most of the anthracene levels of 
lowest energy must lie within the critical distance from the tetracene so that energy 
trapped in these levels is transferred to the tetracene with higher efficiency. The anthra- 
cene fluorescence is again changed but this time in the opposite direction to the other 
crystals, as is expected, since the energy normally coming from the lowest levels is now 
transferred to the tetracene. In all of these cases the changes which take place with de- 
crease of temperature are perfectly reversible. 

In the crystals examined no anomalous behavior of the tetracene fluorescence was 
found when the temperature was reduced to 4° K. Sidman (11) has recently reported that 
the fluorescence from tetracene in anthracene is depolarized at 20° K., but in the crystals 
studied in the present work no such depolarization was detected and, in fact, the polari- 
zation ratio at 4° K. averages about 4:1. The concentration of tetracene was considerably 
lower by at least a factor of 100 than for the crystals used by Sidman, and in addition his 
crystals were large ones grown from the melt. Sidman (17) has also reported a similar 
depolarization of the fluorescence of anthracene in phenanthrene, again with crystals 
grown from the melt. Here again, however, measurements made at 20° K. with sub- 
limation flakes of phenanthrene containing anthracene by Obreimov, Prikhot’ko, and 
Shabaldas (1) show that the anthracene fluorescence is strongly polarized. At present 
there seems no satisfactory explanation for the results reported by Sidman but it is 
possible that this will lie in the different method of preparation of the crystals. 

While there appears to be considerable evidence for the presence of imperfections in 
anthracene sublimation flakes it must not be assumed that these will play such a dominant 
role in the emission from other molecular crystals. The significant quantity indicative of 
emission from imperfections is the polarization ratio and this must be measured both in 
absorption and emission for other crystals before the importance of imperfections can 
be estimated. 
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KINETIC LAWS FOR SURFACE REACTIONS IN FLOW SYSTEMS! 
K. J. LAIDLER 


ABSTRACT 


A general differential equation is set up for the flow of reactant gases through a catalytic 
reactor, account being taken of changes in volume as the reaction proceeds and of the possi- 
bility that the catalyst surface is not completely available. Integrated solutions are given 
for three special cases and are presented in graphical form: (1) first-order reaction, the result 
being applicable whether the surface is completely available or not (Fig. 1); (2) second-order 
reaction with the surface completely available (Fig. 2); (3) second-order reaction with only 
a small fraction of the surface available (Fig. 3). The treatment is related to previous treat- 
ments of Hulburt, Thiele, and Wheeler. 


INTRODUCTION 
The general kinetic laws applicable to flow systems have been well worked out, but 
when the reactor contains a granulated porous catalyst certain complications arise. The 
object of the present paper is to develop the kinetic equations for such systems in forms 
that take into account these complexities. The main matters that give difficulty are: 
(i) the question of the correct kinetic equations to use for systems of variable volume, 
(ii) the corrections required when the reaction is accompanied by a volume change, and 
(iii) the incomplete availability of the surface under certain conditions. 
Of these (i) was treated many years ago by Benton (1), while (ii) has been discussed in 
detail by Hulburt (2). Various workers, in particular Thiele (3) and Wheeler (4), have 
discussed (iii). In the present paper all three factors will be considered together, and 
general kinetic equations will be developed which give the fraction of reaction occurring 
in a reactor as a function of the properties of the reaction system. 


THEORETICAL 
The Steady-State Equation 
Benton’s treatment leads to the conclusion that for a surface-catalyzed reaction of 
ath order the number of moles dn disappearing in time di in an element of volume dV is 
given by 
[1] —dn = k,c* dVdt, 


where c is the concentration of reactant in the slab and k, is a rate coefficient. The exact 
form of ky is considered later; it depends on certain characteristics of the catalyst granules, 
the diffusion constant within the pores, and in general on the concentration (not, however, 
when a = 1 or when the catalyst surface is completely available). 

Consider a thin slab of the reaction system, of volume dV = Adx, where A is the 
cross-sectional area and dx the thickness. If c is the concentration at the point x, and 
c+dc that at x+dx, and if the volume of gas passing the point x per second is R, the 
steady-state equation for the slab is 


[2] Redt = (R+dR)(c+dc) dt+k,c* dVdt. 
With the neglect of the term in d Vdcdt this equation reduces to 


[3] Rdc+cdR+kyct dV = 0. 


1 Vanuscript received March 21, 1958. _ ' 
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In order to solve this, one must have an explicit expression for R as a function of the 
extent to which reaction has occurred. 


The Volume Rate of Flow, R 

If there is no change in the total number of molecules during the reaction, R is constant; 
the second term in Eq. [3] then drops out and the equation is readily integrated. Suppose, 
however, that the stoichiometry of the reaction is such that 1 mole of reactants gives 
rise to v moles of products. Then if initially a volume V;,* of gas contains , moles of 
reactant molecules, after some reaction has occurred, there are moles of reactants 
and v(m;—n) moles of product. The volume occupied by this is 


[4] V* = V,*[v—(v—1)(n/n,)]. 


It is convenient at this stage to introduce the dimensionless variables 


{5] f=n/n, 
and 
[6] &é= V/Vo, 


where 7, is the number of moles of gas entering the reactor in the volume V,, Vo is the 
total volume of the reactor, and V is the volume that has been traversed at any time. 
Eq. [4] may then be written as 


[7] V* = V,*[v—(v—1L)f], 
whence 
[8] R = Ri{v—(v—1)f], 


where R is the volume rate of flow at any point and R, the volume rate of flow of the 
entering gas. From [8] it follows that 


[9] dR = —(v—1) Ridf. 


The General Dimensionless Rate Equation 
Since c = n/V* and c, = n,/ V;* it follows that 


[10] c = ¢(Vi*/V*) (n/n) 
[11] = cilf/[v—(v—1)f]} 
and that 

[12] de = c,{v/[y—(v—1)f]?} df. 


Introduction of these expressions into Eq. [3], and using Eqs. [8] and [9], gives rise, 
after some reduction, to 


[13] {{yu—(v—1)f J*/fe}df+(ky Vo ce'/R,)dé = 0. 
This equation may be written as 

[14] {{[v—(v—1)f]*/fatdf+bdt = 0, 

where 6 is defined by 


{15] = ky Vo cea'/R;,. 
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Equations [14] and [15] can be applied to the determination of the order of reaction 
and the activation energy without proceeding with the integrations. Suppose, for example, 
that c, is varied and, by trial and error, R, is simultaneously varied so as to keep the 


f-é relationship the same, i.e., so that the same fraction of reaction occurs in the reactor. If 


this is so it follows that the ratio c;*~'/R, is unchanged; a can therefore be determined. If 
the reaction is of the first order it will not be necessary to change R, in order to maintain 
b constant as ¢, is varied; if it is of the second order R; must be varied in proportion to 
c;, and so on. 

The procedure for determining the activation energy is similar. The temperature is 
varied, and either c; or R; varied so as to keep 6 constant (i.e., so that the extent of 
reaction remains the same). If R; is varied its relationship with the temperature is the 
same as that of k,, and the activation energy can therefore be obtained from an 
Arrhenius plot of log R, against 1/7. A similar procedure can be used for c;. 

In general, k,, and therefore 0, is a function of f, and the dependence is discussed later. 
In some situations, however, as when the surface is completely available to the reaction 
system (when the catalyst pores are sufficiently large) 6 is a constant. The parameter 0 
can also be shown to be a constant for any first-order reaction whether the surface is 
completely available or not. The integrated form of Eq. [14] will first be considered for 
this case of constant b, after which the general dependence of } on f will be discussed, 
and an integrated solution obtained. 


The Case in which b Is Constant 

It does not appear to be possible to obtain an explicit general solution of Eq. [14], but 
solutions for certain special cases of interest are readily obtained. The solutions for 
a = 1 and a = 2 will be given. 

The integrated form of Eq. [14] for a = 1, subject to the boundary conditon £ = 0, 


f =1,1s 


[16] vin f+ (v—1)(1—-f) +E = 0. 


The fraction f, of reactant remaining at the outlet of the reactor, when & = 1, is therefore 


defined by 
[17] vin fp+(v—1)(1—f,) +5 = 0. 


Figure 1 shows 1— f;, the fractional yield of product from the reactor, plotted against 
the parameter 5, for various values of v. This figure permits a graphical evaluation of 6 
from the results of an experiment in a reactor. If it is known that the surface is completely 
available (see below) the rate constant k, can then be calculated using Eq. [12]. 

The corresponding solutions for the second-order case (a = 2) are 


[18] v*(1—1/f) —2(v—1)In f—(v—1)(1—f) +E = 0 
and 
[19] v?(1—1/f,) —2(v—1)In fp —-(v—-1)(1—-f) +0 = O. 


Figure 2 shows 1 —f; plotted against } for various values of v. 

It will now be shown that Eqs. [16] and [17] apply to any first-order reaction, whether 
the surface is completely available or not. If the surface is completely available the rate 
constant k, is given by 


[20] ky = Rpw Sg, 
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Fic.1. The fractional yield of product plotted against the parameter b, defined by Eq. [15] in the text, for 
various values of ». These curves apply to first-order reactions. 

Fic. 2. The fractional yield of product plotted against b, for second-order reactions; these curves apply 
only when 0 is independent of f, i.e. when the surface is completely available. 

Fic. 3. The fractional yield of product plotted against b’, for second-order reactions in which the 
fraction of surface available is small. 

Fic. 4. The fractional yield of an intermediate B, in the case of consecutive first-order reactions, plotted 
against the parameter ba for various values of the parameter bp. 


where k is the intrinsic rate constant with respect to unit surface area, py is the bulk den- 
sity of the catalyst (the mass per unit over-all volume), and S, is the surface area per 
gram of catalyst. The parameter 0 is therefore in this case given by 


[21] b= Rp» S, Voc '/ Ri, 


so that if b is determined experimentally, in the manner indicated above, k can be calcu- 
lated using the known characteristics of the system. 
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If the surface of the catalyst is not completely available to the reaction system the 
treatment of Thiele (3) combined with that of Wheeler (4) leads to the result that for 
a first-order reaction 


[22 k, = kp»S,(tanh h)/h, 
where h is defined by 
[23] h = L(2k/Dr)}/2, 


D is the diffusion constant for the reaction system, L the mean half-length of the pores, 
and r the mean radius of the pores. Wheeler (4) has proposed useful methods of estimating 
L and r in terms of easily-measured quantities, and has discussed the magnitude of D. 
When A is sufficiently small (less than 0.2) (tanh h)/h is close to unity, and Eq. [22] 
approaches Eq. [20]. Otherwise k, is reduced to the fraction (tanh h)/h, which is therefore 
the fraction of surface available. Wheeler (4) has shown how this fraction can be de- 
termined from the experimental data. 

Eqs. [18] and [19], and indeed the corresponding equations for any reaction of other 
than the first order, apply only when the surface is completely available. In such cases 
k, is always given by Eq. [20] and 3 is therefore constant. Otherwise ky and b are functions 
of f and the integrated equations then assume different forms, some of which are dis- 
cussed below. 


The Case in which b Is a Function of f 

Thiele’s treatment (3) does not lead to explicit solutions for other than first-order 
reactions. However, a combination of Wheeler’s (4) and Thiele’s (3) procedures leads 
to the conclusion that the fraction of surface available is approximately 


(tanh h)/h, 
where hf is now defined by 


[24] h = L(2k/rD)*!2 c@-10/2, 


This reduces to Eq. [23] when a = 1. The parameter 0 is now a function of c, and therefore 
of f. 

General solutions again appear to be impossible. The integration may, however, be 
carried out for a second-order reaction in which the fraction of surface available is small; 
in this case tanh h = 1, so that (tanh h)/h is approximately equal to 1/h. When this is 
so, ky is given by (with a = 2) 


[25] ky = (RppSz/L)(rD/2k)'/? c-1/2 

and b by 

[26] b = (RppSgVoe1/RiL)(rD/2k)'/2 e712, 

Using Eq. [11] this becomes 

[27] b = (RppSgVoey!/2/ RL) (rD/2k)'2f-' [vy — (v— 1) f]!/. 
Equation [14] then becomes, with a = 2, 

[28] {[»—(v—1) f]*°/f?/*}df+b' dé = 0, 

where 

[29] b’ = (RppSg Vocy!/?/RyL) (rD/2k)* "2. 


Comparison of Eq. [28] with Eq. [14] shows that Eq. [28] corresponds to a system having 
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an apparent order of three halves. This is shown by the index to which f is raised and by 
the fact that, to maintain b’ constant, the ratio c,?/R,, viz. c-'!/R,; with a=3/2, must 
be kept constant. 

The solutions of Eq. [28] take different forms according to the values of v. The simplest 
case is when v = 1, and the solution using the boundary condition f = 1, § = Ois 


[30] 2(1—1/f'2) +b’ = 0. 
The solution for vy = 1/2 is 
3. Vi-f+v(2-f) : iJ) , 
>i — ED. eS ae. ee A 4 / amis _— — pa ¢= 
(31] V2(3 in eafaVaaptt ViG-Ae-Al Ve5 +b'¢ = 0. 


That for » = 3/2 is 
[32] 3/2 {VW243/2. sin V4—-—V[(3—f)/f]-—3/2. sin7'V3f-§ VIfB—f/]} +a’é =0 


while for vy = 2. 


[33] 2.{10+39r—-—8/[(2—f)/f]—12 sin' V3f-2V[f(2—f)]} +0’E = 0. 
The plots of 1—/, against 6’ (for £ = 1) are shown in Fig. 3 for the four values of ». 


Consecutive Reactions 

It is frequently the case that reactions occur in two stages, and the treatment of the 
flow kinetics in such systems is of some interest. If the intermediate is the desirable 
product, for example, it is important to know the conditions under which it will be 
produced in maximum amounts. 

Attention will be confined to the case of two consecutive first-order reactions, repre- 
sented by the scheme 


Ry Rye 

A——- B ——->C. 
The rate equations are: 
[34] —dn,y = ky cy dVdt, 
[35] —dng = ky Cp dVdt—ky cy dVdt, 
[36] —dnc = ky cy dVdt. 
The steady-state equations for the slab of volume dV are, for A 
[37] Reg dt = (R+dR)(c,+dc,)dt+ky cx dVdt, 
and for B 
[38] Rey dt = (R+dR)(cgtdcy)dt+ky cy dVdt—ky cx dVdt. 
With the neglect of terms of the type d Rdcdt these equations reduce to 
[39] Rdcxtce, dR+ky cg dV = 0, 
[40] Rdcg+cp dR+ky cg dV—ky cg dV = 0. 


The corresponding equations for C need not be written down, since when solutions for A 
and B have been obtained that for C follows at once. 
The fact that both reactions are of the first order does not necessarily imply that their 
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stoichiometry corresponds to the equation written above. In general 1 mole of A gives 
rise to vy moles of B, and 1 mole of B produces yw moles of C. If initially a volume V,* 
of gas contains m,; moles of A, after some reaction has occurred there are m, moles 
of A, mz moles of B, and mc moles of C, and 


[41] Nnat(np/v)+(nc/yy) = nas. 
The total number of moles present is 

[42] Dn = nat+ngtnc, 

and this, using Eq. [41], is equal to 

[43] Ln = vu ngi—(vyp—1)n,—(u—1) ng. 
The volume occupied by this is 

[44] V* = Vi*[vu — (vu —1)fa— (ve — Df ss}, 
where f, and fg are defined by 

[45] fa = Na/Nay 

and 

[46] - fa = Np/ng. 

The volume rate of flow, R, at any point is therefore related to the initial rate by 
[47] R = Rilvp— (vp —1)fa—(u — 1), 
whence 

[48] dR = —(vu—1)R, dfa—(u—1)Ri df. 


The concentrations c, and cg are given by 


[49] Ca = Cas(Vi*¥/V*)(ma/mar) = Carfa/[vu—(vu—1)fa—(u—1) fs) 
and 
[50] Cae = Cai(Vy*/V*)(mp/nair) = Caifs/[vu— (vu —1)fa—(u—1)fsl. 


An explicit solution of these equations appears not to be possible in the general case. 
The solution for » = » = 1 is simple, however, and proceeds as follows. Under these 
circumstances 


[51] fa =Ca/Cax, fa = Cp/Cas, 

[52] R=R, dR = 0, 

[53] t= V/V. 

Equations [39] and [40] become 

[54] R, dfatky Vofadt = 0, 

[55] R, dfg+kye Vofadt—ky Vofadé = 0. 

The solution of [54], with the boundary condition — = 0, f, = 1, is 
[56] fa = eat 


where b, is defined by 
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[57] by = Ry Vo/Ri. 


This equation is equivalent to Eq. [16] with » = 1, as of course it must be as the law for 
the disappearance of A is independent of the subsequent fate of B. 
Insertion of [56] into [55] gives 


[58] | dfg+bp fn df—by eM dé = 0 

where bg is defined by 

[59] ba = ky Vo/Ri. 

The solution of [58], with the boundary condition —& = 0, fg = 0, is 
[60] fa = [ba/(bn—ba)] (e-°AF—e~®*), 


Figure 4+ shows fp, (the fraction of B present at the outlet, when € = 1) asa function of 
by, for various values of bg. 


DISCUSSION 


The equations derived above, and the corresponding plots, are useful in the analysis 
of kinetic data for flow systems, particularly when it is desired to know the intrinsic 
activity k of the catalyst surface. A possible procedure is as follows: 

(1) First determine the apparent order of the reaction, by varying concentrations 
and rates of flow in the manner described above. 

(2) Investigate the extent to which the total surface area is utilized; this can be 
done by comparing the rates when the catalyst is in different states of granulation, and 
seeing whether the rate falls in line with the B.E.T. area or the number of pore mouths. 

On the basis of the above tests it will in many cases be possible to conclude that the 
system belongs to one of the cases considered in Figs. 1 to 4. From a value of 1—f; it is 
then possible to determine 0 or bd’ and hence, using the appropriate expression for 6 or 
b’, the value of k. The calculation of k of course requires a knowledge of the volume rate 
of flow, the bulk density, and the surface area per gram. In addition, if the surface is not 
completely available, it is necessary to determine (tanh /#)/h in the manner suggested by 
Wheeler (4). 

A variant of the above method is necessary if consecutive reactions are involved. A 
possible procedure is now to determine 0,4, and hence k;, from the disappearance of A. 
The values of bg and k2 can then be determined from the appearance of B, using Fig. 4. 
More complicated systems can be treated by suitable extensions of the above methods. 


ACKNOWLEDGMENTS 


The author is grateful to Dr. D. S. Montgomery and Dr. H. M. Hulburt for valuable 
discussions, to Professor A. Cormac Smith for advice on mathematical questions, and to 
Mr. T. Zawidzki for help with the numerical work. 


REFERENCES 
1. Benton, A. F. J. Am. Chem. Soc. 53, 2984 (1931); cf. also LampLer, K. J. Jn Catalysis. Vol. 1. 
Edited by P. H. Emmett. Reinhold Publishing Corp., New York. 1954. p. 124. 
2. HuLtsurt, H. M. Ind. Eng. Chem. 36, 1012 (1944); 37, 1063 (1945). 
3. THIELE, E. W. Ind. Eng. Chem. 31, 916 (1939). 
4. WHEELER, A. Advances in Catalysis, 1, 249 (1951); Im Catalysis. Vol. 3. Edited by P. H. Emmett. 
Reinhold Publishing Corp., New York. 1955. p. 105. 


THE NATURE OF THE CADMIUM IONS IN HYDROXIDE AND CARBONATE 
SOLUTIONS! 


Puy.tus E. LAKE AND J. M. GooDINGs?* 


ABSTRACT 


The nature and concentration of the cadmium-containing ions in potassium hydroxide and 
potassium carbonate solutions have been studied polarographically. The co-ordination number 
for the hydroxide-cadmium complex is 4 and its dissociation constant 2107. The co- 
ordination number for the carbonate-cadmium complex is 3 and its dissociation constant 
6X1077. 


INTRODUCTION 


From a study of the electrolytic oxidation of cadmium in carbonate and hydroxide 
solutions (1) it became apparent that cadmium must exist in solution as an intermediate 
step in the oxidation. According to Latimer (2) the solubility products of Cd(OH): and 
CdCO; are 2X10~-“ and 5X10-" respectively. These data show that no appreciable 
concentration of cadmium can exist in these solutions as a simple Cd*? ion. 

The object of this work was to measure the concentration of cadmium in potassium 
hydroxide and potassium carbonate solutions in equilibrium with solid CdO, Cd(OH)., 
and CdCO; and to determine the nature and properties of the cadmium-containing ion. 

The method used was that described by Lingane (3). After it was established that the 
reduction of the complexes was reversible, measurements of half-wave potential as a 
function of concentration of complexing ion were made. From these results co-ordination 
numbers and dissociation constants were calculated. 


EXPERIMENTAL 


Preparation of Saturated Solutions 

Solutions of KOH ranging from 1 to 13 N, of K2CO; ranging from 1 to 10 N (10 Nis 
supersaturated but remained stable over a period of 8 months), and mixtures of the two 
having a total normality of about 7 and containing varying proportions of OH~ and 
CO;~? were prepared. One series of these solutions was saturated with CdO, another with 
Cd(NO3)2.4H.O. Approximately one gram of the cadmium compound was added to each 
500-ml. sample. The solutions were allowed to stand in contact with the solid, and shaken 
vigorously from time to time. One set of solutions was allowed to stand at each of the 
following temperatures: 0° C., 25° C., and 50°C. The Cd(NO3)2.4H20 was converted 
rapidly to either Cd(OH),2 or CdCO; depending on the solution. The solid phase in contact 
with the mixed solutions was not analyzed but was probably a mixture of Cd(OH)» and 
CdCO;. The brown CdO gradually became lighter in color and conversion to the hy- 
droxide and carbonate occurred slowly. Samples of the clear liquid were removed from 
time to time and analyzed polarographically for cadmium. When two successive samples 
showed no change in diffusion current, the solutions were assumed to be saturated. 


Analytical Technique 
A Leeds and Northrup ‘‘Electrochemograph type E’’ was used for all the analyses. A 
drop time of 4 seconds and a polarizing rate of 50 mv./min. were used throughout. One 
arm of the H-shaped test cell contained the reference electrode, the other the test solution. 
1Manuscript received April 1, 1958. 
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The center portion contained a fritted-glass disk and an agar plug. The reference elec- 
trode was saturated calomel and all potentials quoted in the tables are referred to this 
reference. Approximately 10-ml. samples were used. Oxygen-free nitrogen was bubbled 
through the cell for at least 10 minutes before the analysis was carried out. Approximately 
0.005% gelatin was added to the test solution to avoid maxima. 

A calibration curve of diffusion current vs. cadmium concentration was drawn covering 
the range 1X10-> to 1X10-? mole/l. of cadmium nitrate in a 1.5 N KNO; supporting 
electrolyte. Variation of the KNO3; concentration from 1 normal to saturated had little 
effect (about 1% over the whole range) on the diffusion current and half-wave potential. 
Potassium nitrate was chosen as a supporting electrolyte, because nitrate ion does not 
form a complex with cadmium (4). 

Cadmium concentrations in the test samples were determined as follows: after a 
solution had been saturated with cadmium a small amount of the clear liquid was pipetted 
off and stored at the temperature of the original solution to allow for settling of any 
suspended material. A sample for analysis was then pipetted from this second solution 
and allowed to come to room temperature. A part of this solution was titrated with 
standard 0.1 N HCl to determine the final OH~ and/or CO;-? concentration. The re- 
mainder was neutralized with concentrated nitric acid and diluted or concentrated to a 
convenient volume so that the KNO; concentration was 1—2 normal. Concentrated nitric 
acid was chosen in preference to dilute acid to avoid volume dilution of the original 
sample below polarographically detectable concentrations of cadmium. The neutralized 
solution was analyzed polarographically, and the cadmium concentration as Cd*? ion was 
determined from the calibration curve. 

Polarograms were drawn for all the unneutralized solutions at 25° C. in order to measure 
the effect of OH~ and CO;~° activity on half-wave potential. 


Results 


The dependence of cadmium concentration on KOH and/or K:CO; concentration is 


shown in Figs. 1, 2, and 3. The half-wave potentials for these solutions (at 25°) are shown 
in Table I. 
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Fic. 1. Concentration of cadmium in potassium hydroxide solutions. (In all figures the open symbols 


refer to solutions saturated with respect to CdO, the closed sy mbols to solutions saturated with respect 
to Cd(OH)s: and/or CdCO;.) 





LAKE AND GOODINGS: CADMIUM IONS 1091 




















| T T T T T T T T . a s T T T T T T 
if 4 (50 | = 
6L L : 
F =~ 
- a 
9 5L 700 
x x 
a r yY 
rs ~*~ 
x } g 
a : 
‘ae 
L § 
8 Ss 
S - 
S| 8 
| oO /0 
| i 











oc a ce 
CO, (normality) k,CO, (normality) 


Fic. 2. Concentration of cadmium in potassium carbonate solutions. 
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Fic. 3. Concentration of cadmium in mixed solutions. 
No attempt was made to measure the rate of dissolution of the CdO, Cd(OH)., and 


CdCOs, but the results indicate that a period of approximately two weeks was necessary 
to attain equilibrium at 25° C. and 4-6 weeks at 0° C. 


Experimental Accuracy 

The total error in determination of concentration of cadmium, considering variations in 
drop size from one capillary to another, and in temperature, error in regulating drop time, 
error in measuring ig, and in construction and reading the calibration curve may amount 
to as much as +10%. Errors in determining final OH~ and CO;~* concentration might be 
+5%. Half-wave potential values were reproducible within +5 mv. 
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TABLE I 
HALF-WAVE POTENTIALS FOR CADMIUM COMPLEXES 








Solution Saturating Final Ej average, Final Log 
number substance concentration, N volts activity (a+) activity (a+) 





A. Potassium hydroxide 








KOH 1 Cd(OH). 12.6 —0.997 19.5 1.290 
1 CdO 12.5 —0.993 19.2 1.285 
2 Cd(OH)>. 9.3 —0.969 8.95 0.950 
2 CdO 9.5 —0.964 9.5 0.975 
3 Cd(OH). (fe —0.951 6.0 By i bs 
3 CdO 8.1 —0.948 6.6 0.825 
4 Cd(OH): 5.0 —0.925 3.2 0.485 
4 CdO 5.4 —0.926 4.0 0.510 
5 Cd(OH). 2.25 —0.892 1.4 0.165 
5 CdO 2.7 —0.893 1.7 0.225 
6 Cd(OH)>. 0.5 —0.853 0.54 —0.270 

B. Potassium carbonate 

K.CO; 1 CdCO; 9.1 —0.855 1.8 0.875 
1 CdO 9.7 —0.860 8.5 0.929 
2 CdCO; 6.9 —0.819 3.02 0.484 
2 CdO 1.6 —(0.824 3.75 0.574 
3 CdCO; 4.7 —0.814 1.45 0.162 
3 CdO 4.9 —0.794 1.55 0.190 
4 CdCO; 2.3 —0.754 0.62 —0.207 
4 CdO 2.4 —0.760 0.66 —0.187 
5 CdO 1.0 —0.725 0.29 —0.538 

C. Mixed solutions 

Mix 1 Cd(OH).2-CdCO; 6.5 OH- 0.5 CO;"2 —().927 
1 “dO 6.6 0.3 —().927 
2 Cd(OH).-CdCO; 5.8 ‘2 —(0).928 
2 CdO 6.3 0.7 —0.926 
3 Cd(OH)2-CdCO; 5.6 1.4 —0.925 
3 CdO 5.8 1.2 —0.921 
4 Cd(OH)s—-CdCO; 4.9 2.0 —0.916 
4 CdO 4.9 | —0.916 
5 Cd(OH)s-CdCO; 4.3 2.4 —0.910 
5 CdO 4.0 3.0 —0.910 
6 Cd(OH)s—-CdCO; 2.7 4.2 —0.899 
6 CdO 2.6 4.3 —0. 896 
7 Cd(OH)s-CdCO; L.2 5.7 —0. 863 

DISCUSSION 
Activities 


Because of the high concentrations of K2CO; and KOH used in the solubility de- 
terminations it was necessary to use activity instead of concentration and to take into 
account the liquid junction potentials before determining co-ordination numbers and 
dissociation constants. 

The activity coefficients for the KOH solutions were determined using the data of 
Akerlof and Bender (5). Activity coefficients for K:CO; were found in Landolt- 
Bornstein Tabellen (6). 


Liquid Junction Potentials 

The liquid junction potentials were calculated using both the Henderson and the 
Planck equations. In both cases the values obtained for the K2,CO; solutions were always 
<3 mv. and thus are within the limits of experimental error. Therefore no correction 
was made to the measured values of Ej for the carbonate case. Liquid junction potentials 
calculated for KOH solutions were considerably larger (11-30 mv.) and could not be 
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neglected. Potentials corrected according to both the Planck and the Henderson equations 
are shown in Table II. It was felt that the “constrained diffusion junction” described by 
the Planck equation represented better the conditions present in the test cell; therefore, 
these corrections were used in the subsequent calculations. 


TABLE II 
CORRECTED VALUES FOR E} IN KOH soLuTIONS 














Fj corrected using Fy corrected using 
Concn., N Log a+ FE; meas., volts — Henderson eq., volts lanck eq., volts 
12.6 1.29 —0.997 —1.020 —1.014 
12.5 1.285 —0.993 —1.016 —1.010 
9.3 0.950 —0.969 —0.989 —0.986 
9.5 0.975 —0.964 —0.984 —0.980 
7.5 0.775 —0.951 —0.970 —0.967 
3.4 0.825 —0.948 —0.967 —0.967 
5.0 0.485 —0.925 —0.941 —0.941 
5.4 0.510 —0.926 —0.942 —0.942 
2.25 0.165 —0.892 —0.902 —0.903 
2.7 0.225 —0.893 —0.903 —Q.904 
0.5 —0.270 —0.852 —0.856 —0.855 
Reversibility 


Lingane (3, 7) has shown that if the dissociation of the metal ion complex and its re- 
duction at the dropping electrode are rapid and reversible then the equation for a wave, 
at 25° C. in the presence of an excess of complex-forming substance, is 


[1] Ease. = Ex—(0.0591/n) log {t/(ta—1)}, 
where 7 is the current and Eq... the voltage of the dropping electrode at any time, Ej is 


the half-wave potential, 7q the diffusion current, and m is the number of Faradays asso- 
ciated with the electrode process. From Eq. [1] it is evident that, for a reversible wave, 
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Fic. 4. Test for reversibility of reductions. 
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a plot of log i/(#g—17) against Ege. will yield a straight line of slope —0.0591/n. The 
reversibility of the reductions was tested in this manner. Two examples are shown in 
Fig. 4. The points fall on straight lines of slopes —0.032 +0.003 and —0.033 +0.003 in 
good agreement with —0.030, the theoretical value for a reversible reduction where 
n = 2. 


Co-ordination Number 

The half-wave potential for reduction of a complex metal ion is independent of the 
concentration of the metal ion, but shifts with changing activity of the complexing ion 
according to the equation 


[2] E;3/log C.f, = —p (0.0591/n), 


where p is the co-ordination number and C, and f, the concentration and activity co- 
efficient of the complexing ion (3, 7). Since it is impossible to determine individual values 
for don- and dco3 the mean ion activities a+ were used in the following calculations. 

In accordance with Eq. [2] the half-wave potentials for cadmium in caustic solutions 
(corrected for Ey according to the Planck equation) are plotted against the log of the 
mean ion activity of KOH in Fig. 5. The slope of the line £; vs. log a+ is —0.108 +0.01. 
The theoretical slope for n = 2, p = 4 is —0.118. Since liquid junction potential cor- 
rections are so large the agreement is better than would be expected. The empirical 
formula for the cadmiate ion, then, is Cd(OH),4-?. 
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Fic. 5. Determination of p for cadmium complex in potassium hydroxide solutions. 
Fic. 6. Determination of p for cadmium complex in potassium carbonate solutions. 


Scholder and Staufenbiel (8) prepared and isolated disodium cadmiate (Na2Cd(OH),) 
by refluxing a suspension of Cd(OH)s: in concentrated NaOH solutions, but were unable 
to obtain the complex salt using hydroxide concentrations lower than 14 N. It appears, 
however, that the cadmiate ion exists in solution at concentrations as low as 1 normal 
with respect to hydroxide. This formula for the cadmiate complex is similar to that de- 
termined by e.m.f. measurements for the zincate ion (Zn(OH),~?) (9). 

The half-wave potentials for cadmium in carbonate solutions are plotted against log of 
the mean ion activity for K2CQO; in Fig. 6. The slope of the line is —0.092 +0.005, while 
the theoretical slope for n = 2, p = 3 is —0.090. Hence the co-ordination number for the 
carbonate complex is 3, and its empirical formula Cd(CQs) 3~*. 

No evaluation of » can be made from the half-wave potentials for the mixed solutions 
because of present lack of knowledge of the activity coefficients in the mixed solutions. It 
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is interesting to note that, although the ionic strength of the solutions increases as the 
proportion of CO;~* ion increases, both the shift of Ey and the solubility of cadmium 
decrease. That is, in the mixed solutions the effect of the hydroxide ion appears to be more 
important than that of the carbonate ion. This is consistent with the observation made 
previously (1) that after anodic oxidation of cadmium in similar mixed solutions, the 
final product is always pure Cd(OH), if the hydroxide concentration is >0.7 N. 


Dissociation Constants 

The half-wave potential for the reduction of a metal ion complex depends on the 
logarithm of the dissociation constant (K,) and is more negative the smaller the value of 
K,, that is, the more stable the complex ion. The approximate equation for the relation of 
E}; to log K, given by Lingane (3, 7) is 


[3] (Ey) e— (Ex) & (0.0591/n) log K,—p(0.0591/n) log Cf, 


where (£3), and (Ej), are the half-wave potentials for the complex and simple metal ions. 
Because of the wide variation of activity coefficients over the range of concentrations of 
KOH and K:CO; used in this work, the activity coefficient f, could not be neglected. The 
half-wave potential for a simple cadmium ion in 1.5 N KNO; is —0.0591 v. The liquid 
junction potential correction in this value is smaller than the experimental error. Using 
Eq. [3] the dissociation constants were calculated for both the hydroxide and carbonate 
complexes at a number of different concentrations of complexing ion. The results are 
shown in Table III. The dissociation constant of the cadmiate complex (Cd(OH),-? 
= Cdt? + 40H-) is ~2X10-" and of the carbonate-cadmium complex (Cd(COs) s~* 
= Cdt? + 3CO;-?) is ~6X107”. 


TABLE III 
CALCULATION OF DISSOCIATION CONSTANTS 











Solution Log a+ (E})e, volts log K. Ke 
A. Potassium hydroxide, p = 4 

KOH 1 Cd(OH): 1.290 —1.014 —9.53 2.9X10-" 
2 Cd(OH)-2 0.950 —0.986 —9.85 1.4107 
3 Cd(OH). 0.775 —0.967 —9.80 1.6X107-% 
4 Cd(OH):2 0.485 —0.941 —9.90 1.3x10-" 
5 Cd(OH)e 0.165 —0.903 —9.85 1.4X10- 
6 Cd(OH)> —0.270 —0.855 —10.0 1.0107 
1 CdO 1.285 —1.010 —9.45 3.5X10-" 
2 CdO 0.975 —0.980 —9.53 2.9107 
3 CdO 0.825 —0.964 —9.53 2.9X10-% 
4 CdO 0.510 —0.942 —9.85 1.4X10-" 
5 CdO —0.225 —0.904 —9.66 2.2107 


B. Potassium carbonate, p = 3 


K,CO; 1 CdCO; 0.875 —0.855V —6.32 4.7X107 
2 CdCO; 0.484 —0.819 —6.25 5.6107 
3 CdCO; 0.162 —0.814 —6.20 6.3X107 
4 CdCO; —0.207 —0.754 —6.15 7.1X107 
1 CdO 0.929 —0.860 —6.32 4.7X107 
2 CdO 0.574 —0.824 —6.20 6.3X107 
3 CdO 0.190 —0.794 —6.30 5.0107 
4 CdO —0.187 —0.760 —6.25 5.6X107 
5 CdO —0.538 —0.725 —6.18 6.7X107 


Average K, = 5.8X1077 
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CONCLUSIONS 


Cadmium can exist in finite concentrations in concentrated hydroxide and carbonate 
solutions in the form of complex ions Cd(OH),~? and Cd(CO;);-* respectively. The 
hydroxide-cadmium complex is the more stable of the two. 
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THE INTERRELATION OF DELPHELINE AND LYCOCTONINE! 


O. E. Epwarps, L£o Marion, AND K. H. PALMER? 


ABSTRACT 


Lycoctonine has been converted to a derivative of delpheline, thus establishing a common 
diterpenoid skeleton and identical points of nuclear substitution for the two alkaloids. 


The chemistry of the delphinium alkaloid lycoctonine is for the most part under- 
standable on the basis of the diterpenoid structure I (1, 2, 3). Cookson and Trevett, 
in an excellent study of the reactions of the alkaloid delpheline, have shown that these 
find ready interpretation if the skeleton and position of nuclear substitution is the same 
as that of lycoctonine (4, 5). Hence demethylenedelpheline has been assigned structure II. 


OCH; OCHs 
OCH; 





It was desirable to prove or disprove this suggested relationship. A number of routes 
involving conversion of lycoctonine and delpheline to a common degradation product 
seemed plausible. However, since delpheline was not readily available to us, we under- 
took instead to convert lycoctonine to a known delpheline derivative. 

Three possible routes to this goal appeared promising: 

(a) Interrelation through the monobasic dicarboxylic acid from delpheline (4) as 
suggested earlier (3). 

(b) Since the methoxyi a to the ketone carbonyl in the ‘‘desoxymethyleneiso”’ com- 
pound from lycoctonine can be hydrolyzed readily (6), the ‘‘desoxyiso’”” compound II] 
should on similar treatment give IV. Cleavage of IV with periodic acid would lead to the 
triketone V possibly identical with dehydrodemethyleneoxodelpheline secodiketone (5). 





we OCH; 
OCH; 
=0 
4 
0 
I 
0 
(V) 
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(c) The reductive removal of the methoxyl a to the ketone carbonyl in anhydro- 
desoxylycoctonam VI would give VII, which could then be oxidized to the diketone 
VIII. This is the structure suggested for dehydrodemethyleneoxodelpheline pinacone (4). 


OCH, OCH, OCHs OCH; OCH; OCH 
OCH, OCH OCH, 
H5Cy H5Co H5Co 
o Ho re) re) 
4 oH O 4 7] fe) 
0 CH ie) fe) 
(VI) (VII) (Vill) 


Since method (c) was attempted first and proved successful the others were not in- 
vestigated. This approach became very attractive when we became aware of the re- 
ductive removal of alkoxy and aryloxy groups from the carbon a to a ketone by sodium 
amalgam (7, 8). The reduction probably proceeds by direct electron transfer from the 
metal surface, as illustrated.‘ 


R 
Os, O<-2 
i, oe 
oe i oo 
= i: = t. + Or” 


OCHs OCH, 
OCH, 
H5C, 
OH 
IX a, X =H, R = CH.OH 
“wR «4 OH IX 6, X =H, R = CHO 
X OCH IX c, X =H, R = CH, 
(1X) IX d,X =O, R =CH; 


In order to obtain compound VIII, lycoctonine (IX a) was oxidized to lycoctonal 
(IX 6), which was then reduced to desoxylycoctonine (IX c). This was oxidized to 
desoxylycoctonam (IX d) by permanganate.® The conversion of IX d to anhydrodesoxy- 
lycoctonam VI was accomplished in high yield using the sulphuric acid in acetic acid 
technique (12). Treatment of an ethanol solution of VI with sodium amalgam gave an 
80% yield of de(methoxy)anhydrodesoxylycoctonam (the keto lactam VII). This com- 
pound when treated in dioxane at 180° with selenium dioxide gave the a-diketone X. 

The product had a melting point and X-ray powder diffraction pattern identical with 
those of the a-diketone from delpheline (4) and a mixed melting point with this compound 
showed no depression. The infrared spectra (nujol mull and in chloroform solution) were 

3We are grateful to Dr. Ragini Anet, who suggested this possible approach to the interrelation. 

44 similar mechanism for reduction of a-ketols and a-haloketones has been put forward by Brewster (9) and in 


the case of a-acetoxy ketones by Rosenfeld (10). 
5 Modification of the procedure described earlier (11) led to improved results. 
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superimposable except for small intensity differences. However, the rotation of our com- 
pound was [a]?7 —58+4° instead of the reported —72° (4). The very kind co-operation of 
Professor R. C. Cookson in providing a sample of demethyleneoxodelpheline pinacone 
acetate enabled us to prepare sufficient delpheline a-diketone to remeasure the optical 
rotation. Samples of varying purity melting between 200° and 209° all had a rotation 
[a]? —60+4°; hence we now consider the identity completely established. 

The a-diketone proved to be a very sensitive compound, heating in order to concentrate 
a solution in ethanol or ethyl acetate being sufficient to cause a drop of 10° in the melting 
point. The selenium dioxide oxidation proved difficult to reproduce. The best result 
was obtained using an old sample of purified dioxane. Preliminary experiments on the 
acetoxylation of VII using lead tetraacetate in hot acetic acid gave poor yields of an 
amorphous acetate and were therefore abandoned. 

Since the bulk of this reported work was completed! Carmack et al. (13) have converted 
delpheline into a known lycoctonine derivative, hence establishing the same relationship 
that we have proved. 

The close relation between delpheline, deltaline (13), and lycoctonine and that between 
ajaconine, atidine, and atisine (14, 15) suggests that the great variety of delphinium 
and aconite alkaloids represent variations in substitution on relatively few modified 
diterpenoid skeletons. 


EXPERIMENTAL 
Unless otherwise stated, melting points (uncorrected) were determined on a micro- 
Kofler hot stage, rotations were measured in absolute ethanol, ultraviolet spectra in 95% 
ethanol, and infrared spectra using the nujol mull technique. The alumina® was standard- 
ized after Brockman (16). 


Desoxylycoctonam 

Desoxylycoctonine (1.739 g.) was dissolved in acetone (70 ml.) containing acetic acid 
(0.7 ml.), and to this was added finely powdered potassium permanganate (1 g.) in small 
portions (50 mg.). The last portion persisted for 3 hours. Excess oxidant was reduced by 
the addition of a saturated solution of sulphur dioxide in acetone (0.5 ml.) and the slurry 
was filtered. An acid—base—neutral separation of the residue left after evaporation. of the 
acetone solution gave mainly neutral material (1.580 g.). This was chromatographed 
on an alumina column (activity 3, 31.6 g.). 














Fractions Eluting solvent Wt., in mg. 
1-2 Benzene 84.5 
3-6 Benzene-chloroform (1:1) 749 
7-8 Benzene-chloroform (1:3) 142.5 
9-14 Chloroform 145 

15-16 Methanol 225 





Fractions 2-10 when crystallized from ether gave colorless tabular needles (865 mg.) 
of desoxylycoctonam. Melting point and mixed melting point with authentic material 
166-168° C. 

Anhydrodesoxylycoctonam (VI) 

A solution of desoxylycoctonam (700 mg.) in glacial acetic acid (containing 0.1% 

v/v of sulphuric acid) (8 ml.) was heated at 80° C. for 70 minutes. The warm solution 


®Woelm brand neutral alumina. 
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was poured onto crushed ice, neutralized with an ice-cold solution of potassium hydroxide 
(20%), and extracted with chloroform. The extract after evaporation of the chloroform 
gave a white froth (700 mg.) which crystallized from ether—acetone or hexane—acetone in 
colorless square plates (0.318 mg.), m.p. 166-168° C. Chromatography on alumina (8 g., 
activity 2) of the mother liquors gave a further quantity (100 mg.) of anhydrodesoxy- 
lycoctonam after crystallization of the residue (201 mg.) obtained from the chloroform— 
benzene (1:1) eluate. [a]?* —8.4 (c, 1.48), [M]?* —37; Amin 2640 A (log € 1.16), Amax 3040 A 
(log « 1.92). Infrared max. 1729 cm. (ketone), 1646 cm. (lactam). Found: C, 67.15; 
H, 8.22; OCHs, 27.45. Calc. for C2sH370.6.N: C, 67.17; H, 8.34; 40CHs, 27.77. 


De(methoxy)anhydrodesoxylycoctonam (VII) 

Sodium amalgam (5%, 2.66 g.) was added to a solution of anhydrodesoxylycoctonam 
(400 mg.) in absolute ethanol (5 ml.), the mixture shaken for 3 hours, then filtered through 
Hyflo-Supercel, and diluted with water (15 ml.). The residue (0.39 g.) after evaporation 
of a chloroform extract of this solution crystallized from acetone-ether or acetone- 
hexane in long colorless needles (270 mg.), m.p. 158-159° C. A mixture with starting 
material melted at 145° C. The residue (120 mg.) obtained by evaporation of the mother 
liquors was dissolved in ethanol (1.5 ml.), 5% sodium amalgam (440 mg.) added, and the 
whole experiment repeated as above. A further amount (70 mg.) of VI was obtained after 
chromatography of the reaction product on alumina (activity 3). [a]?* —5° (c, 1.86), 
[M]2* —21°, Amm 2580 A (log € 1.35), Amax 2810 A (log ¢ 1.66). Infrared spectrum: 1725 
cm.~! (ketone), 1646 cm.—' (lactam). Found: C, 69.00; H, 8.59; N, 3.23; OCHs, 22.4. 
Calc. for Cos3H303;N: C, 69.12; H, 8.46; N, 3.36; 30CHs3, 22.33. 


Acetoxylation of De(methoxy)anhydrodesoxylycoctonam 

De(methoxy)anhydrodesoxylycoctonam (20 mg.) was dissolved in glacial acetic acid 
(1 ml.) and heated to 100°. A saturated solution of lead tetraacetate (44.5 mg.) in glacial 
acetic acid (1.39 ml.) was added and the mixture heated at 100° C. for 3 hours. After it 
was cooled, the excess lead tetraacetate was destroyed with sodium metabisulphite. A 5% 
methanolic solution of potassium hydroxide (5 ml.) was added and the resulting pale 
yellow solution heated under reflux for 2 hours. The bulk of the methanol was removed 
under reduced pressure, V sulphuric acid was added to give a pH of 5.0, and the solution 
was extracted with chloroform. The pale yellow residue from the chloroform (18 mg.) 
was chromatographed on alumina (activity 2) (400 mg.). Benzene and benzene-chloro- 
form (9:1) eluted unchanged starting material. Chloroform—methanol (9:1) eluted only 
a small quantity of material (3 mg.). This was then acetylated as described by Cookson 
and Trevett for their ketol (4). The pale yellow neutral product (3 mg.) could not be 
crystallized but had a broad absorption band at 1730 cm.~' (OCO.CHs3) in the infrared 
spectrum. 


Oxidation of De(methoxy)anhydrodesoxylycoctonam 

Freshly sublimed selenium dioxide (400 mg.) was added to a solution of de(methoxy)- 
anhydrodesoxylycoctonam (52 mg.) in dioxan (2.5 ml.) contained in a Carius tube. The 
tube was sealed and heated at 180° C. for 2 hours. The contents of the cooled tube was 
filtered through Hyflo-Supercel, diluted with a solution of potassium hydroxide (20%), 
and the resultant pale yellow solution was extracted with, chloroform. The residue after 
evaporation of the chloroform gave a pale yellow froth (54 mg.) which was dissolved in 
benzene and shaken with a globule of mercury for 15 minutes. The precipitate of black 
mercury selenide and the mercury were filtered off and the solution evaporated under 
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reduced pressure to a pale yellow froth (52 mg.). This was chromatographed on an alumina 
column (1 g., activity 2) and the fractions crystallized from ether or acetone—hexane. 











Fractions Eluting solvent Wt., in mg. M.p. 
1 Benzene 9.5 204-205° C. 
2 Benzene-chloroform 9:1 7 204-205° C. 
3-4 Benzene-chloroform 3:1 14.5 202-209° C. 
5 Benzene-chloroform 2:1 5 205-209° C. 
6 Benzene-chloroform 1:1 2 205-209° C. 





Fractions 3 and 4+ were combined and recrystallized from ether/acetone giving pale 
yellow needles, m.p. 211-213.5° C. A mixed melting point with these crystals and those 
of the a-diketone derived from demethyleneoxodelpheline pinacone (3) melted at 211- 
214.5° C. Fractions 1-6 were combined and recrystallized from acetone-ether or acetone-— 
hexane giving pale yellow needles or prisms, m.p. 214-216° C. The compound had [a]?? 
—58+44° (c, 0.4 in CHCI;). Infrared max. (in CS) 1758 cm.—!, 1722 cm.—! (a-diketone), 
and 1658 cm.—' (lactam); (in CHCl;) 1756 cm.—!, 1722 cm.—', and 1650 cm.—". Infrared 
max. (nujol mull) 1759(74.5), 1725(75), 1650(94), 1325(51), 1300(54), 1280(49), 1240(51), 
1221(58), 1192(57), 1175(47), 1130(83), 1098(92), 1065 S (48), 1040(42), 1012(44), 
990(46), 920(42). The X-ray powder diffraction pattern of the diketone (prisms) and the 
recrystallized a-diketone from delpheline (prisms) were completely superimposable (35 
lines). Found: C, 66.89; H, 7.58. Calc. for CosH3,;0sN: C, 66.80; H, 7.71. Further ex- 
periments using pure dry dioxane, acetic acid, acetic acid — acetic anhydride gave markedly 
lower yields. 


Delpheline a-Diketone 

Samples obtained from Professor Cookson or prepared from demethyleneoxodelpheline 
pinacone acetate (3) crystallized in needles from methanol-water, or as pale yellow prisms 
from ethyl acetate. The melting point could not be raised above 199° with these solvents 
if the solutions were concentrated by heat. The compound was readily eluted from a 
column containing a 20-fold ratio of alumina (activity 2) with benzene and benzene-ether, 
giving fractions melting between 207-211°. Recrystallization with heating lowered the 
melting point. A sample with melting point 209° had an [a]?” —60+4 (c, 1.09 in CHCl,). 
Another sample with melting point 202° had [a]?? —60+3 (c, 0.80 in CHCls). Infrared 
max. (in CHCl) 1756 cm.—!, 1722 cm.—! (a-diketone), and 1650 cm.— (lactam). Infrared 
max. (nujol mull) 1759(73), 1725(71), 1650(92), 1325(46), 1300(48), 1280(42), 1240(46), 
1220(52), 1192(51), 1175(39), 1130(80), 1098(89), 1065 S (39), 1040(35), 1012(38), 
988(34), 920(38). 
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VOLTAIC CELLS IN FUSED SALTS 


PART IV. ELECTRODE POTENTIALS OF THE SYSTEMS: TI1/TICI (KCI-NaCl), Cu/CuCl 
(KCI-NaCl), Cu/CuCl, (KCI-NaCl), Cr/CrCl; (KCI-NaCl), AND Cr/CrCl; (KCl-NaCl). REDOX 
POTENTIALS OF THE SYSTEMS: Pt/CuCl, CuCl; (KCI-NaCl), AND Pt/CrCl,, CrCl; (KCl-NaCl)! 


S. N. FLENGAS? AND T. R. INGRAHAM 


ABSTRACT 

Using a Ag/AgCl (KCI-—NaCl) reference electrode, the standard electrode potentials of the 
systems T1/TICI] (KCI-NaCl), Cu/CuCl (KCI-NaCl), Cu/CuCl, (KCI-NaCl), Cr/CrCl. 
(KClI-NaCl), and Cr/CrCl; (KCl-NaCl) were measured and found to be: 0.650 volt at 680° C.., 
and 0.250, —0.175, 0.755, and 0.423 at 700° C. respectively. The standard redox potentials of 
the systems Pt/CuCl., CuCl (KCI—NaCl), and Pt/CrCl;, CrCl. (KCI-NaCl) were also 
measured at 700° C. and found to be 0.600 and 0.240 volt respectively. The effect of tempera- 
ture on the electromotive forces of the above cells was measured and the heats of the cell 
reactions were calculated from the data. 


INTRODUCTION 

In previous publications (1, 2, 3) in this series, standard potentials for several electrode 
systems in fused salts were reported. To make these measurements, an equimolar mixture 
of sodium and potassium chlorides was used as the solvent for the metal chloride in the 
system investigated, and a silver—silver chloride electrode, developed earlier in this 
work (1), was used as a reference in determining the electrode potential. 

In the present investigation, the method has been applied to thallium, copper, and 
chromium. Both copper and chromium yield ions with two or more stable valency states 
at high temperatures. The potentials for each of the valence states and the associated 
redox potentials were determined. 

These results are an additional contribution to the program in these laboratories of 
establishing an electromotive series of metals in molten salts at different temperatures. 

When a metal, M, yields two positive ions, M"*+ and M”*, where m2>, there are 
three standard potentials associated with the system. These are the potentials E°; and 
E*, of the electrodes M/M”"* and M/M"=* respectively, and the oxidation—reduction 
potential E°, » of the system M"*/M"=*. The relationship between these three potentials 
can be seen from the following cyclic diagram: 





AF®, = —mE\F 
M > Mut+e- 
\ - 
AF®, = —nE°o.F \ / AF*; » => — (n2— 1) E°,; oF 
\ 
% / 
~< y 
M”"2* + 2e- 


The equation relating these potentials is: 
(1] n. E°s—m, E%, = (m2—m) E*) 2. 
‘Manuscript received March 11, 1958. 
Contribution from the Mines Branch Laboratories, Department of Mines and Technical Surveys, Ottawa. 
2National Research Council Postdoctorate Fellow, assigned to Mines Branch. 
Can. J. Chem. Vol. 36 (1958) 
1103 
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When any two of the three potentials are known (i.e. one electrode potential E°,, and 
the standard redox potential E°;2) the unknown electrode potential E% can be calcu- 


lated. 
This method was applied to obtain the standard electrode potentials of the systems 


copper — cupric chloride and chromium - chromic chloride, neither of which could be 
measured directly because of the reactivity of the metals with their metal chlorides in 
solution. 


EXPERIMENTAL 
In the course of the experimental work, two different types of cells were used for 
determining potentials: 


(a). Cells for Measurements of Metal Electrode Potentials 
These were of the type 
M MCI, (x2) | Asbestos fiber AgCl (x) | Ag 
(—) KCI-NaCl (1/1 mole) KCI-NaCl (1/1 mole) | (+) 
where M was respectively thallium, copper, or chromium metal, and MCl,, was re- 
spectively TICI, CuCl, or CrCl, at a mole fraction x». 
The reaction in voltaic cells of this type is: 
M + ny Agt = Malt + m Ag. 


The relationship between the electromotive force and the metal ion concentration in the 
cell is given by the Nernst equation in the form: 


[2] Even = (E°m a= age jag*) a (2.303RT/n, F /\log (x2 ait?) 


where E°xy jm™t and E°ag/ag+ are respectively the standard electrode potentials of the 
half-cells Cu/CuCl, Cr/CrCh, or Ag/AgCl, under the conditions of the experiment. It 
will be observed that in equation [2], mole fractions are used in preference to activities. 
The simplification is justified, as will be shown by the subsequent data, when the activity 
coefficients or the complexity constants of the species involved in the cell reaction, or 
both, remain constant over the concentration range investigated. Thus, standard electrode 
potentials calculated from equation [2] will include the effects due to both activities 
and complex formation. 


(b) Cells for the Measurement of Redox Potentials 
These were of the type: 
| AgCl (x1) | MCln, (x2) | 

Ag | KCl-NaCl(1/1 mole) || Asbestos fiber | MCh. | Pt 

(-) | || KCI-NaCl (1/1 mole) | (+) 
where MCl,, was respectively CuCl or CrCl, at mole fraction x., and MCI,, was respec- 
tively CuCl, or CrCl; at mole fraction x3. 
The reaction in redox cells of this type is: 

Ag + Mtt = Mvit+ + Agt 

where 22— = 1. 
The relationship between the redox electromotive force and the metal ion concentrations 
is given by the Nernst equation in the form: 


[3] Een = (Eo ag sagt — Eo ygnit pygn2t) — (2.303 RT F log (x1.%2, 'X3) 
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where E°xq™1+ ;y¢"2+ is the standard redox potential of the nates Pt/CuCl, CuCh, or 
Pt/CrCl:, CrCl;, under the conditions of the experiment. 

It will be noted that here, as in equation [3], mole fractions are used in preference to 
activities. 


Preparation of Materials 

Anhydrous cuprous chloride was prepared by recovery from an aqueous solution in 
which cupric chloride was reduced with sulphurous acid (4). The anhydrous cuprous 
chloride was washed with glacial acetic acid, anhydrous ether, and absolute alcohol. 

Anhydrous chromic (III) chloride was prepared from the corresponding hydrated salt 
of analytical grade, by heating at 600° C. in the presence of carbon tetrachloride vapor 
(5). The compound thus obtained was in the form of violet-colored “‘greasy”’ scales, 
which were very stable in air. Anhydrous chromous (II) chloride was prepared by 
hydrogen reduction of the anhydrous chromic (III) chloride (6) in a tubular furnace 
heated at 550° C. To observe the end of the reduction, the HCl produced during the 
reaction was dissolved in water and titrated with normal sodium hydroxide solution. 
When purified dry hydrogen was used, the product was pure white. 

All of the compounds thus prepared were pelletized and kept in closed containers in a 
desiccator over sulphuric acid until they were used. Analysis of the various samples of 
the different batches indicated that for all of the materials, a purity of over 99% had 
been attained. 
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Apparatus and Procedure 

The technique used to study the TI-Ag, Cu-Ag, and Cr—Ag systems was essentially 
the same as that described in earlier papers of this series (1, 2, 3). Because the chlorides 
used in these experiments were reactive to both moisture and oxygen, the cell design 
was modified to permit evacuation to dehydrate the solvent salts before a run was begun. 
The modified apparatus is shown diagrammatically in Fig. 1. Slight improvements in the 
furnace design, over that used in previous work (1), have reduced temperature variations 
to +2°C. at 900° C. 

At the beginning of a run the cell was loaded with KCI-NaCl and heated for 12 hours 
under vacuum at 600° C. Purified argon was then introduced, the temperature increased 
to melt the salts, and the metal electrodes inserted into their respective positions. To 
protect the contents of the cell from air contamination, a small stream of argon was 
continuously introduced into the cell and released under a slight positive pressure through 
a Bunsen valve. Pellets of the metal chloride reagents were introduced, as required, 
through the feeding tube. 

A pool of pure molten thallium metal (99.9%), copper wire of 99.99% purity or a 
block of 99.4% chromium metal were used as the indicator electrodes for the respective 
standard electrode potential measurements. 

The indicator electrode for the measurement of redox potentials was a platinum tube 
2 inches long and 4% inch I.D. After each addition of reagent, equilibrium was attained 
in 2-3 hours. In the absence of any form of stirring this was attributed either to the slow 
process of dissolution of the pellet in the fused-salt solvent or to the subsequent slow 
diffusion of the salt through the solution. 

After equilibrium had been established in a cell, the. potential measurements were 
reproducible to within one millivolt over a 2-day period. 


RESULTS 


The electromotive forces of the TI-Ag, Cu-Ag, and Cr—Ag voltaic cells were measured 
first as a function of the metal ion concentration and then as a function of temperature. 
The results of the experiments in which the concentration of the metal ions was varied 
at constant temperature are shown in Table I. 

From equation [2], it follows that when x; and x2 are chosen so that the log term of 
this equation becomes zero, then: 


[4] Een = E®y put — Eo ag sagt 


When the electromotive forces of the cells were plotted against the log term x2/x,", as 
calculated from the data given in Table I, the results were well represented by straight 
lines, as shown in Fig. 2. 

The slopes of the experimental lines for the TI-Ag and Cu—Ag systems agree well with 
the theoretical value for a one-electron electrode process as calculated from equation 
[2] (0.191 and 0.196 respectively, as compared with the theoretical value 0.195 volt). 
That obtained with the Cr—Ag system corresponds to a two-electron electrode process 
(0.094, as compared with the theoretical 0.097 volt). In addition, the linearity of the 
curves in Fig. 2 shows that the activity coefficients or the complexity constants of TIC, 
CuCl, and CrCl, in alkali chloride melt solution remain practically constant over the 
concentration range investigated. 

The experimental standard electrode potentials for the copper, chromium, and thallium 
systems, as interpolated at log (x2/x,") = 0 on the curves in Fig. 2, are given in Table II. 
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TABLE I 
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(a) Tl TICI (x2) | AgCl (x:) Ag 
(—) KCl-NaC! (1/1 mole) | KCl-NaCl (1/1 mole) (+) 
Mole Fraction Mole fraction n 
of AgCl (x1) of TIC] (x2) ag oe (volts) 
6.235 X10 3.610 X10-3 680 0.875 
6.235 X10 6.907 X 1073 680 0.822 
6.235 X 107? 1.42510 680 0.752 
6.235 X 107? 2.503 X 10-2 680 0.724 
6.235 X10 3.645 X 107? 680 0.690 
6.235 X 107? 4.140107? 680 0.685 
6.235 XK 107? 5.540 XK 107? 680 0.658 
6.235 < 1072 6.026 X 107? 680 0.655 
(b) Cu | CuCl /xe) || AgCl (x1) Ag 
(—) | KCI-NaCl (1/1 mole) | KCl-NaCl (1/1 mole) (+) 
Mole fraction Mole fraction Even 
of AgCl (x1) of CuCl (x2) Ent. (volts) 
6.235 K107* 1.080 X 1073 700 0.588 
6.235 K 1072 3.961 1073 700 0.478 
6.235 X 107? 1.296 X 107? 700 0.390 
6.235 X 107? 2.372 X10 700 0.343 
6.235 X 107? 3.912107? 700 0.289 
jc) €r CrCle (x2) | AgCl (x1) Ag 
(—) KCl-NaCl (1/1 mole) KCl-NaCl (1/1 mole) (+) 
Mole fraction Mole fraction Een 
of AgCl (x1) of CrCle (x2) hee (volts) 
6.235 X 107? 2.822 10-4 703 0.861 
6.235 X 107? 5.640 10-4 703 0.834 
6.235 X 1072 1.323 X10-3 703 0.802 
6.235 X 107 2.359 KX 1073 703 0.781 
6.235 X 107? 3.467 X 1073 703 0.761 
6.235 X 1072 6.027 X 10-3 703 0.738 
6.235 X 107? 9.352 10-3 703 0.715 





In addition, the table also includes calculated (7) values for the standard potentials of 
the cell reactions in the absence of solvent. The significance of the differences between 
the experimental and calculated potentials will be discussed later in the text. 


TABLE 


II 


SUMMARY OF RESULTS 














Indicator Cell reaction in Standard potential Expti.* Calc.t 

electrode molten KCl-NaCl og oe for (volts) (volts) 
TI, Ti+ Ti +AgCl =TICI+Ag 680 E°qyrtit — Eo agagt 0.650 0.665 
Ca, a Cu+AgCl=CuCl+Ag 700 E*cucut — E°agsagt 0.250 0.140 
Cu, Cutt Cu+2AgCl =CuClh.+2Ag 700 FE’ cuscut + — E° agsagt —0.175 (—0.410)t 
Ce Cr*+ Cr+2AgCl =CrClh,+2Ag 703 orcrt + — Eo agsag* 0.755 0.565 
Cr, Cr+t+ Cr +3AgCl = CrCl; +3Ag 703 E°o ejcrt ++ — EF” agsag* 0.423 0.336 
Cr+t+t, Crt+ Ag +CrCl;= AgCl +CrCle 703 F° ag/agt — E°o,;t++ jox*** 0.240 0.122 
Cut+, Cut Ag+CuCl.=AgCl+CuCl 700 ° ag/Agt — E°cut cut + 0.600 0.960 





*Experimental values obtained during this investigation on voltaic cells containing alkali chloride molten salt solvent. 
tPotentials calculated from existing thermodynamic data on the pure salts in the absence of any solvent. 
JObtained by extrapolation of low temperature data. 
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Fic. 2. Electromotive forces of the cells: 
M MCla (x2) 
(—) KCI-NaCl (1/1 mole) 
as a function of log(x2/x1"1), at constant temperature. 
M is (a) thallium, (6) copper, and (c) chromium (top scale). MCln, is respectively TIC], CuCl, and CrCls. 
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The effect of temperature change on the electromotive forces of the voltaic cells 
previously cited was next investigated. Because of the volatility of TICI (b.p. 720° C.), 
measurements above 700° C. were not possible with the Tl—Ag voltaic cell. 

The results for the Cu-Ag and Cr—Ag voltaic cells are given in Table III. Also included 
in Table III are values for the standard potentials at different temperatures, calculated 
from the data using equation [2]. 

From Table III it is readily seen that temperature has practically no effect on the 
standard potential of the Cu—Ag voltaic cell. 

From the standard potentials of the Cr—Ag voltaic cell given in Table III, using the 
well-known equations, 


[5] AF? = —n E°FY = —2.303RT log K 


it was possible to calculate, for various temperatures, the equilibrium constants for the 
cell reactions given in Table II. The results of these calculations are shown in Fig. 3, 
where log K was plotted against the reciprocal of absolute temperature. The curve is 
linear over the temperature range investigated. 


he 


the 
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TABLE III 
EFFECT OF TEMPERATURE ON THE ELECTROMOTIVE FORCES OF THE CELLS 
(a) Cu CuCl (x. = 3.912107) | AgCl (x; = 6.235X 107%) Ag 
(—) KCI-NaCl (1/1 mole) KCl-NaCl (1/1 mole) (+) 
Ecett E* cucut — E° ag at 
7." &. (volts) (volts) 
On heating 
975 0.282 0.243 
1033 0.287 0.246 
1071 0.288 0.245 
1103 0.289 0.245 
1143 0.293 
On cooling 
1137 0.290 0.244 
1069 0.287 0.244 
973 0.282 0.243 
(b) Cr CrCle (x2=3.467 X107%) || AgCl (x, = 6.235107?) | Ag 
(—) KCI-NaCl (1/1 mole) || KCI-NaCl (1/1 mole) (+) 
Eceit Eeorjert + — Eo agsagt 
z, &. (volts) (volts) 
On heating 
978 0.761 0.756 
1021 0.755 0.750 
1051 0.750 0.745 
1068 0.745 0.740 
1090 0.746 0.740 
1108 0.741 0.735 
1121 0.739 0.734 
1142 0.734 0.723 
On cooling 
1023 0.755 0.750 
1008 0.757 0.752 
989 0.759 0.754 
972 0.762 0.757 





The best straight line through the experimental points was calculated by applying the 
least-squares method. 


The heat of reaction (AH,) in cells of this type is the difference between the heats of 
formation (AH;) of the respective metal chlorides in the presence of the solvent, i.e., 


[6] AH, = AH, (CrCl, in xci-nacn — AH; (AgCl in KCI-NaC}])- 


The heat of reaction was calculated from the slope of the straight line in Fig. 3, in ac- 
cordance with the van’t Hoff equation, 


[7] dln K/dT = AH,/RT?. 
The value thus obtained is: 
AA yer,crtt) = —42.46+0.5 kcal./mole. 


In the case of the Cu—Ag voltaic cell, where it was found that dE/dT = 0, the heat of 
reaction is equal to the free energy change and can be calculated directly from equation 
[5]. The result of the calculation is: 


AH ycu.cut) = —6.10 kcal./mole. 
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O with increasing temperature, @ with decreasing temperature 


Measurement of Redox Potentials 

The electromotive forces of the Cut/Cu** and Cr**+/Cr*** redox cells were measured 
first as a function of the salt concentrations, and then as a function of temperature. The 
results of the experiments in which the concentration of the metal chlorides was varied 
at constant temperatures are shown in Table IV, and the plot of log(x1.%2/x3) versus the 
electromotive forces is given in Fig. 4. 

Following the same procedure as used previously, the standard redox potentials of the 
systems were obtained by graphical interpolation at zero log concentration. The results 
are grouped in the summary given in Table II. 

It will be observed that the curves in Fig. 4 are effectively linear over the concentration 
range investigated, which again indicates that the activity coefficients or the complexity 
constants of the species involved in each of the reactions remain constant. 

The slopes of the experimental lines for both redox systems agree well with the 
theoretical vaiue for a one-electron reduction process (0.197 as compared with 0.195 
volt) at this temperature. . 

The effect of temperature change on the electromotive forces of the two redox cells 
above was investigated next. The results are shown in Table V. 

Also included in Table V are values for the standard redox potentials at different 
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as a function of log(x;.x2/x3), at constant temperature. 
M is (a) copper and (>) chromium, and MCI, and MCI. are respectively CuCl, CuCl, and CrCle, CrCls. 


temperatures, as calculated from the data using equation [3]. From these values, by 
applying equations [5], the effective equilibrium constants for the redox cell reactions 
were calculated. The results of these calculations are shown in Fig. 5, where log K was 
plotted against the reciprocal of the absolute temperature. The curve is linear over the 
temperature range investigated. For each curve the best straight line was calculated by 
applying the least squares method. 

The heat of reaction in cells of this type is best expressed by the equation: 


[8] AH, = AH «mcin,) +A agen — AH «mci, 


where AH, is the heat of formation of the metal chlorides in the molten alkali chloride 
salt solution. These heats of reactions were calculated from the slopes of the straight 


~ 


lines in Fig. 5, in accordance with the van’t Hoff equation, and the results are: 
AH,(Cut*, Cut) = —9.15+0.6 kcal./mole 
AH,(Crt++, Crt) +11.84+0.5 kcal./mole 


Having established the standard metal electrode potentials of the svstems Cu/CuCl 
(KCI-NaCl) and Cr/CrCls (KCI-NaCl), and the standard redox potentials of the systems 
CuCh/CuCl (KCI-NaCl) and CrCl;/CrClh, (KCI-NaCl), equation [1] was then applied 
to calculate the standard electrode potentials of the systems Cu/CuCl, (KCI-NaCl) 
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TABLE IV 


ELECTROMOTIVE FORCES OF ‘‘'REDOX’’ CELLS AS A FUNCTION OF THE METAL ION CONCENTRATIONS AT 
THE INDICATOR ELECTRODE 







































































(a) Ag ! AgCl (x1) | CuCl (x2) | Pt 
(—) | KCI-NaCl (1/1 mole) |} CuCl, (x3) (+) 
|| KCI-NaCl (1/1 mole) | 
Mole fraction Mole fraction Mole fraction Event 
of AgCl (x) of CuCl (x2) of CuCle (x3) ie. (volts) 
6.235107? 4.821 X10- 2.242 1073 700 0.578 
6.235 X 1072 4.810107? 4.400 XK 1078 700 0.634 
6.235 X 10-2 4.799 X 107-2 7.074X 107 700 0.660 
6.235 X 1072 4.781 X10 1.080 XK 10? 700 0.706 
6.235 x 1072 4.761 X10? 1.44110"? 700 0.724 
6.235 X 107? 4.721 X107? 2.302 X10? 700 0.761 
(b) Ag | AgCl (x1) | CrCle (x2) | Pt 
(=) | KCI-NaCl (1/1 mole) || CrCls (xs) | (+) 
lt KCl-NaCl (1/1 mole) 
Mole fraction Mole fraction Mole fraction Eee 
of AgCl (x) of CrCle (x2) of CrCls (x3) Eu. (volts) 
6.235 X 107 9.348 1073 4.350 X 10-4 703 0.220 
6.235 X 10-2 9.34410" 8.900 XK LO-4 703 0.270 
6.235 X 107? 9.335 X 1073 1.649 X 10-3 703 0.325 
6.235 X 10-2 9.319X10-3 3.355 X 107? 703 0.393 
6.235 X 1072 9.291 X10-3 6.565 X 1073 703 0.449 
6.235 X 107? 9.232 10-3 1.26910 703 0.506 
TABLE V 
EFFECT OF TEMPERATURE ON THE ELECTROMOTIVE FORCES OF THE REDOX CELLS 
(a) Ag | AgCl (x, = 6.235% 1072) || CuCl (x2 = 4.741 107%) Pt 
(—) | KCI-NaCl (1/1 mole) | CuCle (x3 = 1.745X107) | (+) 
|| KCl-NaCl (1/1 mole) 
Een FE? sg) Ag* — E°outscutt+ 
! age (volts) (volts) 
On heating 
973 0.745 0.596 
1049 0.769 0.609 
1091 0.784 0.617 
1133 0.795 0.622 
On cooling 
1075 0.775 0.611 
1015 0.755 0.600 
991 0.746 0.595 
971 0.737 0.589 
947 0.729 0.584 
(b) Ag | AgCl (x, = 6.235 X10-*) | CrClz (x2 = 9.232 107%) | Pt 
(-) KCI-NaCl (1/1 mole) — |} CrCl; (x3 = 1.269X1072) | (+) 
| | KCI-NaC! (1/1 mole) — | 
Een FE eepha* — Fort jortt+ 
7 ee (volts) (volts) 
On heating 
975 0.506 0.246 
1031 0.561 0.286 
1079 0.616 0.328 
1144 0.687 0.376 
On cooling 
1128 0.663 0.363 
1073 0.610 0.324 
1011 0.547 0.278 
990 0.524 0.261 


969 0.498 0.240 
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Fic. 5. The variation of log K with the reciprocal of the absolute temperature for the systems: 





(a) Ag AgCl (x; = 6.235+107%) | CuCl (x2 = 4.741 107?) | Pt 
(-—) KClI-NaCl (1/1 mole) ||} CuCle (x3 = 1.745107) (+) 
KCI-NaCl (1/1 mole) | 
(b) cs | AgCl (x1 = 6.235107?) || CrCle (x2 = 9.235107) Pt 
=) 


KCI-NaCl (1/1 mole) | onlay a 1.269 X 10-?) (+) 
|| KCI-NaCl (1/1 mole) 


© with increasing temperature, @ with decreasing temperature. 


and Cr/CrCl; (KCI-NaCl), which are unobtainable by direct measurement. The results 
of these calculations were given previously in the summary of results in Table II. The 
heats of the cell reactions for these systems can be calculated by applying the equation, 
> (AH;) = 0, to a cyclic process similar to that used to derive equation [1]. The values 
thus obtained are: 


AH you, cut +3.05 kcal./mole 


AA xer, ertt++) = —54.30 kcal./mole 
From the data in Table II it is also possible to calculate the free energies and the 
equilibrium constants of the following chemical reactions as they occur in the melt: 

(1) Cu + CuClh, = 2CuCl 

(2) Cr + 2CrCl; = 3CrCl, 

(3) CuCl, + CrCl, = CrCl; + CuCl 
The results of these calculations are given in Table VI. 
It can be readily deduced that reactions (1) and (2) will proceed effectively to com- 


pletion, whilst with reaction (3) a chemical equilibrium between the reacting species will 
be attained. 
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TABLE VI 
FREE ENERGIES AND EQUILIBRIUM CONSTANTS OF REACTIONS IN FUSED SALTS 











Reaction at 700° C. in AF*, 

KCl-NaCl solvent kcal./mole Kun: 
Cu + CuCk = 2CuC!l —19.80 2.85 X 104 
Cr + 2CrCl; = 3CrCl, —45.94 2.0810! 
CuCl. + CrClz = CrCl; + CuCl — 8.30 7.33X10! 





DISCUSSION 


It is of theoretical interest to compare the experimental electrode potentials, and the 
experimental heats of the cell reactions, with values calculated from thermodynamic data 
on the pure metal chlorides (8) without solvent. The calculations for the standard 
potentials are given in Table II. If the free energy change associated with the difference 
in standard potentials is attributed entirely to the formation of complexes in melts, the 
dissociation constants for these complexes can be calculated using the method previously 
(1) described. It must be emphasized that, in calculating dissociation constants, no 
assumption has been made about the structure of these compounds. Accordingly, these 
values could equally well represent the ratio of the activity coefficients. However, fol- 
lowing the same procedure used previously (1, 2, 3), these values were calculated as 
“complex dissociation constants” and the results are: 

Ka(CuCl complex) = 2.7107 at 700° C. 

Ka(CuCl, complex) 2.9X10- at 700° C. 

Ka(CrCl, complex) 1.07 X10~ at 700° C. 

Ka(CrCl; complex) 4.14107 at 700° C. 
From Table II it will be observed that in the case of TICI, the small difference between 
the experimental and the calculated potential indicates almost ideal behavior. 

Heats of the cell reactions calculated from existing thermodynamic data (8) on the 
pure metal chlorides are given in Table VII. In this table are also included values obtained 
experimentally in the present investigation in the presence of the KCI—NaCl solvent. 

In Table VII, it will be observed that the experimental average heats of reactions 
are of the same order as the calculated ones. 

The magnitude of the complex dissociation constants above, and the small difference 
between the heats of reaction, indicate that the over-all energy change which occurs 
when the metal ions are transferred from the solid or liquid phase of the pure metal 
chloride to an alkali chloride molten salt solvent is quite small. 


TABLE VII 











Heats of reaction in kcal./mole 











Experi- 
mentalf 
Calculated* temp., ° K. between 

= 973- 
Reaction* 773 873 973 1073 1173 =1173° K. 
Cugy + AgCliay = CuClay + Aggs) —5.48 —4.71 —5.19 —4.86 —5.12 —6.10 
Cus) + 2AgCl(1y) = CuClei) + 2Ag¢s —1.44 —0.74 (-—0.0) (41.0) — +3.05 
Cro) + 2AgCliiy = CrClee) + 2Ag(s) —40.13 -—39.83 -—39.87 -—39.95 —-—40.58 —42.46 
Cri) + 3AgCli1y) = CrClswe) + 3Ag(s) —49.08 —48.92 -—48.41 ~48.44 -49.10 —54.30 
Agis) + CuCl) = CuClay + AgClay —4.04 —3.91 —_— — — —9.15 
Agys) + CrCls¢s) = CrClos) + AgCl,1) +9 .36 +9.10 +8.54 +8.49 +8.54 +11.84 





*Heats of reaction calculated on the basis of the heats of formation of the pure salts without any solvent present. 
tAverage heats of reaction calculated from the experimental data in the presence of KCI—NaCl solvent. 
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THE STRUCTURES OF a- AND §-PARACHLORAL' 


A. Novak? AND E. WHALLEY 


ABSTRACT 


The infrared and proton magnetic resonance spectra of a- and 8-parachloral have been 
investigated and the dipole moment of a-parachloral has been determined. The results show 
that both isomers have the chair configuration of the ring and that a-parachloral has symmetry 
C, with one axial and two equatorial CCl; groups and that 8-parachloral has symmetry C3y 
with three equatorial CCl; groups. 


1. INTRODUCTION 
Parachloral, the cyclic trimer of chloral, forms two stereoisomers that have been 
isolated by Chattaway and Kellett (1). The isomers have been designated a-parachloral, 
m.p. 116° C., and 8-parachloral, m.p. 152° C. Their structures have not been investigated 
previously. In this paper the infrared and proton magnetic resonance spectra of these 
compounds (2) and the dipole moment of a-parachloral are used to determine the struc- 
tures. 


2. EXPERIMENTAL PROCEDURES AND RESULTS 

a- and 8-Parachloral were prepared from chloral hydrate and sulphuric acid as des- 
cribed by Chattaway and Kellett (1). They were purified by repeated crystallization 
from alcohol until their melting points were constant and in agreement with the values of 
Chattaway and Kellett. 

The spectra were recorded with a Perkin-Elmer Infrared Spectrophotometer Model 21 
equipped with a sodium chloride prism. The specimens were examined as mulls in nujol 
and hexachlorobutadiene, as solutions in carbon tetrachloride and carbon disulphide, 
and as solids in the form of thin crystalline layers between sodium chloride plates. 
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Fic. 1. Infrared spectra of solutions of (a) a-parachloral, (b) 8-parachloral. Carbon tetrachloride solu- 
tions were used for the region 3600-1000 cm.~ and carbon disulphide solutions were used for region 1000- 
650 cm.7!. 
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The infrared spectra of a- and 8-parachloral in solution are shown in Fig. 1. The wave 
numbers of the absorption maxima or shoulders of both the solution and the crystalline 
spectra and their relative intensities are listed in Table I. 

The solid and solution spectra show but little difference in the position and intensity of 
the bands. The 1336 and 809 cm. bands of a-parachloral in solution are split in the crystal, 
the separation of the components being about 8 cm.~. If there is more than one molecule 
in the unit cell of the crystal the splitting can readily be explained. 


TABLE I 
INFRARED SPECTRA OF a- AND §-PARACHLORAL 





— = 

















a-Parachloral, m.p. 116° C. 8-Parachloral, m.p. 152° C. 
Wave number/cm.~} Wave number/cm.*! 

Solid (mull) Solution Assignment Solid (mull) Solution Assignment 
2920 m 2920 m v(C—H) 2890 m 2880 sh »v(C—H) 
2880 s 2890 s v(C—-H) 2845 s 2860 s v(C—H) 
2830 sh 2825 m v(C—H) 

1394 w 1395 w Overtone or comb. 1412 m 1415 m Overtone or comb. 
band band 
1358 m_ 1358 m 6(C—H) 1368 m 1367 m) and 6(C—H) 
aad 1336 _m 6(C—H) 1330 s 1330 s 5(C—H) 
1311 s_ 1310 s 5(C—H) 
1166 vs 1166 vs Skeletal 1150 vs 1157 vs ~ ; 
: hit Skeletal 
stretching ene 
1140 sh 1140 sh } 1135 sh 1135 sh ae 
1085 m 1080 m y(C—H)? 1072 s 1075 m y(C—H)? 
1005 s 1007 s y(C—H)? 
1055 m 1055 w-m } 1030 s 1037 s 
850 vs 845 vs | 840 vs 845 vs 
830 vs 822 sh 830 vs 832 s 
a =} 809 vs | Skeletal 805 vs 807 vs| Skeletal 
767 a: 770 m stretching 762 s 771 s stretching 
745 w 745 w 
670 s 671 s 670 s 677 s 
666 s 668 s | 








*The bands near 1160, 1140, and 1050 cm.” are similar to bands in paraldehyde and higher homolognes (3, 4); they are probably 
due to mainly-ring vibrations. 


The proton magnetic resonance spectra of a- and 8-parachloral in chloroform solution 
were very kindly measured for us by W. G. Schneider and H. J. Bernstein using a Varian 
V-4300 NMR Spectrometer. 

The dipole moment of a-parachloral in cyclohexane solution has been determined by 
Dr. D. W. Davidson and Miss J. Taylor of this Division. Dielectric measurements were 
made with a Gross-type cell of about 5 pf capacitance, using a General Radio 716 C 
Capacitance Bridge and 716 P Guard Circuit. The frequency was 10 kc./sec. and the 
temperature 25.0+0.1° C. Eastman Kodak White Label cyclohexane was used and its 
dielectric constant was taken to be 2.0172 (5). The capacitance with pure solvent and 
with solution was measured by the substitution technique using a reiteration method, 
and a series of 10 measurements was made by each of two observers. The results were 
corrected for the small effect due to the combined influence of the switch and cable 
capacitance, which was determined by the same reiteration process. The refractive 
indices (15>) were measured at 25.0+0.1° C. with a Spencer Abbé Refractometer. The 
results are summarized in Table II. 

The dipole moment was calculated using Guggenheim’s equation (6) to be 1.64 Debye 
units, with an error, allowing for systematic effects, of +0.1 D. 
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3. DISCUSSION 


If all the valency angles are tetrahedral there are four likely structures for the para- 
chlorals, shown as I to IV in Fig. 2. Structures that contain more than one axial 
CCl; group either in the chair or in a boat configuration are much less likely on steric 
grounds. Structure I has symmetry C3, and the other structures have symmetry C,. 


H : , ie 
1 F >. O 
CCl, —Thh\e si —" CCl; hi “ew ) ee 
i Sy ff: 
PAO gia a 
oe ‘e ey Ne 
CCls CHAIR CCls 
I II 
R CCl, 


CCls ;, es Coy /_ 
pn ae a hace? 
Oe % ie / 
CCls H CCls ‘4 / 
pn —_— 


‘ BOAT M 
lil IV 


Fic. 2. Possible structures of the parachlorals. Black circles represent the oxygen, and white circle 
the carbon atoms. 


TABLE II 
a-PARACHLORAL IN CYCLOHEXANE AT 25.0° C. 











103m /mole 1.-! € (€~—«€) /(108m/mole |.~) n? (n2—n)) /(108m/mole 1.—!) 
0.1860 2.0873 0.3774 2.0395 0.0628 
0.1535 2.0738 0.3686 2.0366 0.0586 
0.1008 2.0537 0.3621 2.0340 0.0613 
2.0172 0.358 2 


0 


.0278 0.060 














m = Concentration of a-parachloral. 
e, » = Dielectric constant, refractive index of solution. 
€o, no = Dielectric constant, refractive index of pure solvent. 


Proton Magnetic Resonance Spectra 

The proton magnetic resonance spectrum (2) of 8-parachloral in chloroform solution 
has only one peak. The three protons are therefore equivalent and the molecule has a C; 
axis. Hence, the structure is I (Fig. 2). The PMR spectrum of a-parachloral has two 
peaks with intensities in the ratio 1:2. Two of the three protons are therefore equivalent 
and the molecule has C, symmetry. Hence the structure must be either II, III, or IV. 


Dipole Moment 

The dipole moments for the structures I, II, III, and IV, calculated by vector addition 
of the bond moments by taking the moments of the C—Cl, C—O, and C—-H bonds to be 
1.57 (7), 0.9, and 0.2 D. (8) respectively and the valence angles to be tetrahedral, are 
2.74, 1.59, 0.60, and 2.91 D. respectively. The experimentally determined dipole moment 
is 1.64+0.1 D. and it shows that a-parachloral has structure II (Fig. 2). 
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Infrared Spectra 

In both C, and C3, symmetries the normal modes of vibration of parachloral, the 
frequencies of which are expected in the region 3500-650 cm.—!, may, to a first approxi- 
mation, be divided into 9 C—H vibrations (3 stretching, 3 bending, and 3 wagging) and 
18 skeletal stretching vibrations. The C—H vibrations are classified according to 
symmetry species in Table II]. There are five infrared-active C—H vibrations for Coy 
and nine for C, symmetry. The skeletal stretching vibrations for C3, symmetry can be 
represented (9) by 4A4:+2A:+6E; thus 10 of them are infrared-active. All 18 vibrations 
(10A’+8A”’) are active for C, symmetry. Some frequencies of the vibrations that are 
mainly to the peripheral groups will probably coincide; the number of the resolved 
bands in the spectrum is therefore expected to be smaller than the number of the active 
vibrations. 


TABLE III 
C—H VIBRATIONS OF PARACHLORAL 

















Cee C. 
Approximate type of Expected — 
vibration frequency range A, Ag E Pd 
- 3 C—H stretching 3100-2700 cm. 1 0 1 2 1 
3 C—H bending 1500-1200 cm.~! 1 0 1 2 1 
3 C—H wagging 1300-700 cm.-! 0 1 1 1 2 
Infrared active + - + + + 





C—IT Vibrations 

The stretching (v) and bending (6) modes of CH groups are particularly suitable for 
confirming the symmetry classes of the parachlorals, since the corresponding bands 
..ppear in the region where other fundamentals are not expected. 

In the 3 yw region a-parachloral has three bands and 8-parachloral has two bands. These 
are too strong to be combination bands or overtones so they are almost certainly »(C—H) 
fundamentals. The numbers agree with the symmetries C, and C3, respectively. 

In the 1500-1300 cm. region a-parachloral has four bands. Three are expected for 
C, symmetry. One of the observed bands, 1395 cm.~', being very weak, is probably a 
combination band or overtone perhaps involving C—Cl vibration; they usually give 
bands about here (10). 8-Parachloral has three bands. Two 6(C—H) bands are expected 
for Csy symmetry. The strong 1330 cm. band is doubtless a 6(C—H) fundamental. The 
two bands at 1415 and 1367 cm. are of medium and nearly equal intensity; they are 
probably caused by Fermi interaction of a 6(C—-H) fundamentai with an overtone or 
combination frequency, probably the analogue of the 1395 cm. band of a-parachloral. 

Thus the »(C—H) and 6(C—H) bands confirm the C, and C3, symmetries for a- and 
8-parachloral, respectively. The »(C—H) and 6(C—H) bands of 6-parachloral are ana- 
logous to the bands at 2900 and 2830, and 1400 and 1345 cm. in the spectrum of 
paraldehyde (4); paraldehyde also has C3, symmetry (3, 11, 12). 

The wagging (y) C—H modes are less straightforwardly assigned. For C3, symmetry 
only one vibration, of species E, is infrared active. This may cause the 1075 cm.~! band 
in the spectrum of 8-parachloral. A similar band associated with y(C—H) has been 
observed near 1025 cm. in the spectrum of chloral (13). In the a-isomer three y(C—H) 
bands are expected; the two bands near 1080 and 1007 cm.~! may be amongst them. 
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Skeletal Stretching Vibrations 

In the spectrum of 8-parachloral there are nine strong or very strong bands near 1157, 
1135, 1075, 1037, 845, 832, 807, 771, and 677 cm.—. If one of these, perhaps 1075 cm.—, 
is a y(C—H) band there are eight skeletal stretching bands. This is close to the number 
expected for C3, symmetry. The spectrum of a-parachloral in this region is very similar 
if one assumes that the bands at 1080 and 1007 cm.—! are y(C—H) bands; the only other 
differences other than slight frequency shifts are that the 677 cm.—! band of 6-parachloral 
is replaced by two very close bands at 671 and 668 cm.“ in a-parachloral and the 771 
cm. band is replaced by two weaker bands at 770 and 745 cm.~!. In both B- and 
a-parachloral the ring has the chair configuration so no major difference in the number 
of bands due to mainly-ring vibrations is expected and none is observed (Table I.) The 
splitting of the 677 and 771 cm. bands indicates that they are probably due mainly 
to peripheral groups. 

The infrared spectra of 6- and a-parachloral thus strongly support the assignment 
* of structures I and II, respectively, to them. 

The relative melting points agree with these structures. 6-Parachloral has the more 
symmetrical structure and so it would be expected to pack better in its crystal and it has 
higher dipole moment. Both factors would tend to make 6-parachloral have the higher 
melting point, and this is observed. 


ACKNOWLEDGMENTS 


We are indebted to Dr. D. W. Davidson and Miss J. Taylor for determining the 
dipole moment of a-parachloral and to Drs. W. G. Schneider and H. J. Bernstein for 
determining the proton magnetic resonance spectra. 


REFERENCES 


. Cuattaway, F. D. and Kettett, E.G. J. Chem. Soc. 2709 (1928). 

BERNSTEIN, H. J., KULLNIG, R., LEMrEux, R. U., and SCHNEIDER, W. G. To be published. 

GERDING, H. and LEcomTE, J. Rec. trav. chim. 58, 614 (1939). 

Novak, A. and WHALLEY, E. Unpublished work. 

HARTSHORN, L., Parry, J. V. L., and Essen, L. Proc. Phys. Soc., B, 68, 422 (1955). 

GUGGENHEIM, E. A. Trans. Faraday Soc. 47, 573 (1951). 

SmytH, C. P. Dielectric behavior and structure. McGraw-Hill Book Co., Inc., New York. 1955. p. 293. 

Maryott, A. A. and AcrEE, S. F. J. Research Natl. Bur. Standards, 33, 71 (1944). 

. Witson, E. B., Jr., DEctus, J. C., and Cross, P. C. Molecular vibrations. McGraw-Hill Book Co., 
Inc., New York. 1955. p. 109. 

10. BeLtamy, L. J. The infrared spectra ‘of complex molecules. Methuen & Co., Ltd., London. 1954. 

p. 272. 

11. Le Févre, R. J. W. and CALDERBANK, K. E. J. Chem. Soc. 199 (1949). 

12. CARPENTER, D. C. and Brockway, L.O. J. Am. Chem. Soc. 58, 1270 (1936). 

13. SEEWANN-ALBERT, H. Acta Phys. Austriaca, 1, 346 (1948). 


SPN re oper 














ON THE NATURE OF SULPHUROUS ACID! 


MICHAEL FALK? AND PAuL A. GIGUERE 


ABSTRACT 


Repeated attempts to detect by infrared spectrometry stable H2SO; molecules in aqueous 
solutions of ‘‘sulphurous acid”’ or in frozen mixtures of SOz and HO have given only negative 
results. Sulphur dioxide dissolved in water exists mostly in the molecular state, the HSO;~ 
and HS.0O;- ions being formed in small amounts as a result of the equilibria 


SO. + 2H,0 = HSO;- + H;0+ and HSO;- + SO. = HS,0;-. 
There is very little interaction between SO2 and HO molecules in condensed phases. 


In spite of the major importance of aqueous solutions of sulphur dioxide in a multitude 
of industrial processes there remains a surprising uncertainty as to the nature of the 
equilibria between the molecular and ionic species in these solutions. Sulphur dioxide 
dissolves in water to the extent of about nine weight per cent at 25° C. and atmospheric 
pressure (1). The resulting solution possesses well-known acidic properties, conducts 
the electric current, and behaves as if it contained an acid, presumably H2SO;. However, 
although the ions H;30*+, HSO;-, and SO;— are indeed present in the solution, the free 
acid itself has never been isolated or shown to exist. Nevertheless, its existence has 
been taken for granted by most chemists, the equilibria in the aqueous solutions being 
usually expressed as follows: 


SO: + H.0 — H,SO;; 


- 


1 
H.SO; + H.0 = H;0+t + HSO;-; 


Ke 
HSO;- + H;0+ = H;0+ + SO;—. 


Assuming that these were the only equilibria involved, and that the first step is 
complete, i.e. that all the un-ionized sulphur dioxide in solution is combined to form 
H.SO;, the two ionization constants were calculated from electrical conductivity data 
to be K, = 0.012 to 0.017 (2, 3), and Kz = 1077 to 10~* (4, 5). The above assumptions, 
however, were soon proved incorrect, as evidence for the existence of unchanged SO2 
molecules in aqueous solution was obtained from ultraviolet absorption spectra (6, 7,8, 9). 
Many workers attempted to calculate the ratio of H2SO; to ‘‘free’’ SO: molecules in 
solution from the measurements of vapor pressures and electrical conductivities of the 
solution as a function of temperature and concentration, with widely divergent results 
(i, 2, 3, 10). These calculations appear to have relatively little merit, being based on 
such drastic assumptions as the use of Kohlrausch’s law at fairly high concentrations, 
or the substitution of concentrations for activities. Because the individual concentrations 
of SO2 and H.SO; in solution were unknown, a convention was proposed by Lewis and 
Randall (11) setting arbitrarily the equilibrium constant 

K = (H2S0;)/(SO2) (H20) = 1. 

With the advent of Raman spectroscopy, numerous studies were made of aqueous 
solutions of sulphur dioxide (12, 13, 14). In every case three Raman lines were detected, 

*Manuscript recewed March, 31, 1958. 
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corresponding to essentially unchanged SO, molecules. The only other species detected 
in some cases were the HSO,;- and SO,— ions formed by slow oxidation of aqueous SOs, 
a reaction difficult to prevent during long exposures. Recently an extensive Raman 
study by Simon and Waldmann (15, 16, 17) revealed for the first time in these solutions 
some lines due to bisulphite ions, HSO;-, in very low concentration, as well as pyro- 
sulphite ions, HS:O;~-, pointing to the hitherto unsuspected equilibrium HSO;- + SOs: 
= HS,0;-. The concentration of the sulphite ions, SO;—, is certainly much too low 
to be detected spectroscopically, and the H;0* ion does not give rise to a measurable 
Raman spectrum (18). None of the Raman lines detected in aqueous solutions by Simon 
and Waldmann could be attributed to H2SO;, although these authors continue to refer 
to the solutions as “‘sulphurous acid”’. 

In the present work we have examined the infrared spectra of sulphur dioxide solutions 
in water in order to supplement the evidence for the absence of H2SOQ; in solution. We 
have also studied the SO.-H.O mixtures in the solid state, where the formation of the 
compound H2SO; might be favored. 


EXPERIMENTAL 

Aqueous Solutions of SOQz 

The samples were prepared simply by squeezing between a pair of silver chloride 
windows a drop of aqueous solution of sulphur dioxide saturated at 25° and one atmos- 
phere. Since a pressure cell was not available, evaporation of the dissolved sulphur dioxide 
could not be prevented and the spectra had to be recorded in small steps. A composite 
spectrum, based on several overlapping runs, is reproduced in Fig. 1, together with the 
spectrum of pure water in the same region. The spectra were obtained with a Perkin— 
Elmer model 12-C instrument, using NaCl and CsBr prisms; the background noise. has 
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Fic. 1. A. Spectrum of a thin film of pure water in the region of NaCl and CsBr prisms. B. Spectrum 
of a thin film of solution of sulphur dioxide in water. 
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been smoothed out in replotting the spectra. In addition to the absorption bands of 
liquid water (v2 at about 710 cm.—', v2 at 1640 cm.—', v2 + vp at 2120 cm.—', and »; at 3400 
cm.—!), the spectrum of the solution contains three bands at 527, 1152, and 1334 cm."', 
due respectively to the fundamental vibrations v2, v1, and v2 of the dissolved SO, mole- 
cules. These values are only slightly removed from the corresponding frequencies in 
pure liquid SO2: 523, 1148, and 1338 cm.~! (19). 


Solid Mixtures of SO, and H2O 

Various proportions of SO. and H.O were mixed thoroughly by diffusion in the vapor 
phase, then condensed at liquid air temperature upon a silver chloride window in a 
conventional low-temperature infrared cell, and the absorption spectra recorded. The 
spectrum (in the range of the sodium chloride prism) of an equimolecular mixture is 
reproduced in Fig. 2. Included for comparison are the spectra of pure SO: and ice obtained 
in the same manner. 
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Fic. 2. Spectra in the region of NaCl prism of solid SOs, solid HO, and their equimolecular mixture 
condensed at —190° C. 


The spectrum of the mixture is essentially a superposition of the spectra of pure com- 
ponents. No new absorption bands appear and those of SOz and H2O undergo no change 
of frequency, appearance, or intensity.* Variations in the composition and temperature 
of the deposits or irradiation with ultraviolet radiation from a Hanovia mercury lamp 
was without significant effect on the spectra. These results show clearly the absence of 
compound formation and, in particular, the absence of H2SO; molecules which, if stable, 
would have been expected to form under these conditions. By contrast, the infrared 
spectra of solid mixtures of HCl or NH; with H.O, condensed in an identical manner, 
have indicated clearly the formation of molecular compounds in those systems (21, 22). 

Phase diagram studies of the SO.-H.O system have previously proved the existence 
of only one stable hydrate, SO2.6H.O (23), apparently of the “gas hydrate” type (24). 
Such hydrates are characterized by very weak bonding with water, hence would have 

*The shape of the vp band of ice appears changed somewhat in the spectrum of the mixture. It is not certain 


whether this effect is genuine, for the shape and intensity of the vz band in pure water and ice seems very sensitive 
to changes in film characteristics (20). 
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an infrared spectrum practically identical with that of the pure components. The com- 
pound H.2SO,, on the other hand, would give rise to a number of new absorption bands, 
quite different from those of SOx. The closely related spectrum of the aqueous HSO;- 
ion contains Raman frequencies at 457, 586, 709, 1019, 1089, 1129, and 2532 cm.—! (15). 


DISCUSSION 


The present infrared spectra confirm the conclusion of earlier Raman investigations 
that sulphur dioxide molecules are not strongly hydrated in aqueous solution and do 
not form the compound H.SO;. The upper concentration limit of the latter, which 
could have escaped detection, is believed to be 0.2 M in the infrared spectra and about 
0.1 M in the Raman work (Simon and Waldmann detected the strongest lines of the 
HSO;- and HS,O;- ions at concentrations below 0.1 1). Since the most concentrated 
solutions employed in our work contained some 8.3% SOs, or 1.3 M, and those employed 
in the Raman study of Simon and Waldmann contained up to 17.2% SOx, or about 3 M 
(under pressure), the upper limit for H2SO; may be set at 1/30 of the sulphur dioxide 
concentrations. However, the actual concentration of H2SO; may be expected to be 
very much smaller than that. Even in the solid phase, where the formation of the 
compound H2SO; would be much more likely, it cannot be detected at all and the 
interaction of SOz and H.O molecules appears to be very weak in all phases. 

Therefore the un-ionized fraction of sulphur dioxide in ‘‘sulphurous acid’’ solutions 
exists as uncombined molecules. As for the ionic species, the electrical conductivity data 
indicate that the H;O* ions are present at a concentration of about 0.1 M in a solution 
1 M in sulphur dioxide (3). The anions, HSO;-, HS20;-, plus a much smaller amount 
of SO;—, must be present at the same total concentration, although the exact proportions 
are difficult to determine. Altogether some 10% of sulphur dioxide dissolved at n.t.p. 
is ionized. 

Unstable H2SO; molecules might be involved as short-lived intermediates in the 
formation of the HSO;— ions. However, these ions could also be formed by another 
mechanism such as 

2H.0 = OH- + H,0*; SO. + OH- = HSO;- 


suggested by Campbell and Maass (3) some time ago. In any event the over-all equilib- 
rium is 
SO: + 2H:0 = HSO;- + H;0*. 

The term “‘sulphurous acid’’, like the analogous ‘‘carbonic acid’? H2CO3, established 
by long tradition, will continue to be used. It should be understood, however, that these 
hypothetical compounds do not exist in detectable concentration even in solutions. In 
remarkable contrast to sulphur dioxide, selenium dioxide appears to react completely 
with water, forming the stable selenious acid, H2SeQs;, both in solution and in the crystal- 
line phase. We are now completing a similar investigation of selenious acid and expect 
to report the results shortly. 


RESUME 


L’étude des spectres infrarouges confirme que les solutions aqueuses de SO, ne con- 
tiennent pas de quantités mesurables d’acide sulfureux, H2SO3. Dans ces solutions les 
molécules de SO: existent en majorité comme telles 4 cété de faibles concentrations 
des ions HSO;- et HS,O;~ résultant des équilibres: 
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SO, + H.0 = HSO;- + H;0+ 


et 
HSO;- + SO. = HS,.O;-. 


Par ailleurs les spectres de mélanges solidifiés de SO2 et H:O n’indiquent pratiquement 
aucune interaction entre ces deux composés en phases condensées. 
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PHYSICAL ADSORPTION IN THE BENZENE-POLYSTYRENE SYSTEM* 


S. S. BARTON AND S. G. MASON 


INTRODUCTION 


Although the sorption of solvent vapors by solid polymers is usually considered as a 
solution process, McLaren and Cutler (1) found that when the water sorption isotherm of 
a water-soluble fraction of polyvinyl acetate was analyzed from the point of view of the 
Flory—Huggins equation, values of » much larger than per, are required in the low pressure 
region. This phenomenon, indicating phase separation, was attributed to surface ad- 
sorption preceding solution formation at low relative pressures. On the other hand, 
Baughan (2) found that the sorption isotherm of benzene or polystyrene sheets fitted 
the Flory—Huggins equation over a benzene volume fraction of 0.07 to 0.57 with an 
interaction constant p = 0.45. It would appear in this case that the sorbed benzene 
formed a homogeneous solution with the polystyrene. 

When the sorbate is not a solvent for the sorbent, the ‘‘adsorption”’ characteristics of 
the reaction can be more pronounced. The presence of strongly adsorbing sites in a 
polymer matrix which are saturated by initial quantities of sorbing (non-solvent) gases 


and vapors have been deduced by several workers (3, 4, 5). 

As long as the concentration of solvent sorbate is not so high that the sorbate-sorbent 
complex loses its rigidity, then a certain amount of adsorption on active sites can be 
expected to occur in any solvent—polymer system at low relative pressures. 

In the investigation described in this note, heats of sorption of small amounts of 
benzene on two samples of polystyrene were measured. The heats evolved were sufficiently 
high to be considered heats of physical adsorption, and have been taken as evidence 
that surface adsorption precedes solution in the benzene—polystyrene system. 


EXPERIMENTAL 

A conventional all-glass adsorption apparatus with mercury valves instead of stopcocks 
was used. Benzene vapor was measured into a calibrated volume from a reservoir con- 
taining thoroughly outgassed reagent grade benzene. The measured dose was then exposed 
to a fairly large (ca. 5 g.) sample of outgassed polystyrene, mounted in the reaction well 
of a large diphenyl ether isothermal calorimeter, operating at 26.9° C. (6, 7). Pressures 
were measured by conventional mercury manometers read to the nearest 0.5 mm. 

The take-up of benzene as indicated by the falling pressure was initially rapid, but 
after 10-15 minutes became very slow. The slow take-up, when allowed to proceed, was 
observed to continue for many days. In each determination, the contribution from the 
slow take-up was made as small as possible by isolating the large calibrated volume from 
the polystyrene sample as soon as possible after the initial rapid sorption had taken 
place. Slow sorption could then only continue at the expense of the relatively small 
amount of benzene vapor in the dead space. 

Heat was evolved during the initial rapid sorption, and shortly after the benzene 
pressure had become nearly constant, the rate of movement of the mercury thread in the 

*This investigation was conducted under Extra-Mural Grant No. 6 from the Defence Research Board. 
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dilatometer tube of the calorimeter again assumed the normal small positive drift in- 
dicating that any heat given off by the subsequent sorption was evolved too slowly to be 
detected by the calorimeter. The heat evolved during the rapid sorption was calculated 
by using the averages of the fore- and after-drifts to correct the total mercury displace- 
ment over the time of the rapid sorption. The corrected displacement figure was con- 
verted to calories by means of an electrically determined calibration constant. 

Two different types of commercial polystyrene were used. Type A was in the form of a 
powder which passed No. 42 mesh and was supplied by Monsanto Canada Limited, 
who stated it to have a molecular weight of about 60,000. Type B was in the form of 
irregularly shaped particles of ca. 1.2X10~ cc. The supplier, Dow Chemical Company 
(Midland, Mich.), stated it to have molecular weight about 270,000. 

Two samples of Type A were used. Iwo series of heat and isotherm measurements 
were made on one sample and four series were made on the other. Between series, the 
sorbed benzene was removed by exhaustive pumping. Similarly, two samples of Type B 
were used in three series of measurements. 


RESULTS AND DISCUSSION 


Isotherms describing the ‘‘fast’’ adsorption of benzene on polystyrene are shown in 
Fig. 1. The ordinate, Ag, gives the amount of benzene adsorbed before the constant after- 
drift of the calorimeter was established. The slow sorption, which continued between 
measurements and did not affect the calorimeter, is not included. It was estimated that 
because of this slow sorption, the true benzene concentration in the condensed phase was 
about 4% higher than indicated by Ar. The relative pressure values are those observed 
at the end of each ‘“‘fast’”’ adsorption. No attempt was made to determine an equilibrium 
isotherm, since the time required, with the experimental arrangement used, would have 
been too long. 

Fig. 1, which includes all of the isotherm points from the nine experiments, shows that 
within the rather large error encountered in the work it was possible to reproduce the 
different isotherms. 

The shape of the isotherm is that of Type III or Type IV of the classification of 
Brunauer (8). Almost all of the benzene is sorbed over a very narrow range of pressure, 
and for equal amounts of sorption a higher pressure is required with Type A polystyrene 
than with Type B. This behavior is associated with adsorption in rather narrow size- 
distributions of pores (9). In fact, the present heat and isotherm data are best correlated 
by assuming that porous adsorption occurs. Pore radii were obtained by extrapolating 
the almost vertical, linear portions of each isotherm back to the pressure axis and sub- 
stituting the value obtained into the simple Kelvin equation. Zero contact angle was 
assumed and values for the liquid density and surface tension of bulk benzene were 
used (10). The values obtained are given in Table I. 

Fig. 2 shows the integral heat of adsorption (q,) curves. The integral heat at any 
particular value of Ay is the sum of the individual amounts of heat, per gram of poly- 
styrene, evolved up to that value of Ar. 

At low values of Ay the heat curves are concave towards the Ay axis but become 
straight lines as Ay increases. The linear portion of the heat curve begins at roughly the 
same value of Ay as does the linear portion of the corresponding isotherm. 

The differential heat of adsorption, ga, is given by the slope of the integral curve. Fig. 2 
shows that gg falls fairly rapidly from an initial high value to a lower constant value as 
adsorption proceeds. Most of the adsorption takes place with constant gq. Using gz 
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= 8080 cal./mole as the heat of vaporization of benzene at 27.0° C. (6) and the constant 
ga Values, the quantity ga — qx, the net heat associated with the adsorption of benzene 
on the polystyrene pore structure, has been calculated. 


TABLE I 
PORE SIZES AND HEATS OF ADSORPTION 











Pore qa — Ga-Q 

Polystyrene po/p radius (A) (cal./mole) (cal. /mole) 
A 7.36 10.1 10310 2230 
B 1.75 36.2 9059 979 





Taking 5.7 A as the molecular diameter of benzene (11), it is seen that the radius of 
the pores in the Type A polystyrene are of the order which should give a high proportion 
of double-wall adsorption (12) with the benzene molecule. Also, the radii of the pores in 
the larger granules of Type B polystyrene are sufficiently large so that co-operative, 
double-wall adsorption would be very much diminished. The net heat of adsorption in 
the smaller pores is seen to be nearly double the net heat of adsorption in the larger 
pores. 

Although the heat and isotherm data agree when regarded as indicating the occurrence 
of porous adsorption, the very small size of the pores brings into question the applicability 
of the simple Kelvin equation, and thus throws doubt on the whole explanation presented 
(13). However, the reproducibility of the isotherms indicates strongly that polystyrene 
can maintain its surface structure through limited adsorption and desorption cycles, and 
the differential heat of adsorption is of the order of magnitude associated with physical 
adsorption. 

One of the consequences of swelling and partial solution is that any pore system will be 
greatly changed as the swollen structure collapses on de-swelling. It is apparent that the 




















NOTES 1129 


amount of sorption in the experiments described was not sufficient to cause marked 
swelling of the polystyrene. The highest benzene volume fraction encountered here was 
0.05, at the lower end of the range investigated by Baughan (2). 

It is appreciated that the molecular weights of the samples were quite different. How- 
ever, from the point of view adopted here, the effect of molecular weight on the amount 
of heat evolved or the shape of the “‘fast’”’ isotherm should be of little consequence. 

An alternative explanation which has been kindly suggested by the Referee does not 
involve capillary condensation but instead the transition from physical (surface) ad- 
sorption to solution near the surface of the substrate. In a theoretical treatment of this 
transition, Hill (14) has indicated that an intermediate region of sorption at an essentially 
constant pressure should be observed. It is possible that the nearly vertical portions in 
Fig. 1 may correspond to an equilibrium between benzene vapor and a saturated solution 
of polystyrene in benzene on the surface of the polymer. Since Type A polymer, being of 
lower molecular weight than Type B, is the more soluble of the two it may be expected 
that solution would occur at a lower relative vapor pressure for Type A. It is, however, 
difficult to account for the observed energies on this basis, since the (exothermic) heat 
of solution may be expected to increase with increasing molecular weight (15). 
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THE MECHANISM OF THE PYROLYSIS OF PRIMARY ALKYL BROMIDES* 
ARTHUR T. BLADES 


Considerable literature has appeared in the last few years on the pyrolysis of alkyl 
bromides to form the corresponding olefin and hydrogen bromide (1, 2, 3, 4, 5, 6, 7, 8). 
With secondary and tertiary bromides this reaction appears to involve primarily a 
unimolecular split and the kinetics of these reactions can be studied reasonably well 
without inhibitors. With primary bromides the reaction involves free radicals and it 
is necessary to use an inhibitor to reduce the rates to a limiting value; this residual reaction 

- is believed to be similar to that for the secondary and tertiary compounds. This communi- 
cation refers to the uninhibited pyrolysis of ethyl and n-propyl bromides. 


*Contribution No. 67 from the Research Council of Alberta, Edmonton, Alberta. 
Can, J. Chem. Vol. 36 (1958) 
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Agius and Maccoll (10) consider that the uninhibited pyrolysis of n-propyl bromide 
is a chain reaction initiated by a break into propyl radicals and bromine atoms. A plot 
of the ‘‘first order’’ data vs. Py’? indicated that a 3/2 order described the data much 
more adequately, and an appropriate chain mechanism was devised. These observations 
have been confirmed by Semenov, Sergeev, and Kapralova (7), who also note the catalytic 
effect of bromine and hydrogen bromide. More recently, Goldberg and Daniels (8) 
reported similar studies on ethyl bromide, and also indicated that a chain decomposition 
occurs. They stated that the rate became ‘‘first order’’ after an induction period but 
that the rate constants were pressure dependent. They also found that the reaction 
was greatly accelerated by the addition of one of the products (hydrogen bromide), 
and inhibited by the other product (ethylene). It is of interest to examine the data of 
Goldberg and Daniels to see whether it can be reconciled with the kinetics for n-propyl 
bromide proposed by Agius and Maccoll. 

The order of decomposition of ethyl bromide was inferred by Goldberg and Daniels 
from a plot of the logarithm of the fraction of bromide remaining, against time. However, 
this is not a particularly good indicator of order, especially when an induction period is 
observed. The fact that the rate decreased with decreasing pressure suggests that some 
other order might fit the data more adequately. A replot of the k vs. Py data in Goldberg 
and Daniels’ Fig. 2 as k vs. Po? gives a reasonably straight line with an intercept at k = 0.6 
sec.—!. Since a first-order decomposition corresponding to a simple molecular split is 
proceeding simultaneously with the chain reaction, the intercept should correspond 
to this rate, and it is possible to predict a value of k = 0.5 sec.~' from the data on this 
uncatalyzed reaction (9). Therefore, a more realistic rate expression for ethyl bromide 
would be: 


r = k(C2H;Br] + &:[CoHsBr]*”. 


This does not imply that the mechanism proposed by Goldberg and Daniels is incorrect 
but it appears that some alteration must be made in their mathematical treatment of it. 
Their steady-state approximations are that the bromine, bromine atom, and C.H4Br 
radical concentrations become stable. As pointed out by Hirschfelder (10), the stationary- 
state approximation can be applied only ,if the rate of destruction of intermediates is 
many order of magnitude greater than that of the over-all reaction. For bromine, with a 
bond energy of 45.5 kcal./mole, this condition is not fulfilled. Insofar as this argument 
vitiates the steady-state treatment, their suggestion that at high bromide pressures the 
concentration on the wall is independent of the pressure can no longer be accepted. 

Since the bromine atoms are in quasi-equilibrium with the bromine, it seems equally 
unlikely that this concentration would be constant but it might vary roughly according 
to the 4 power of the ethyl bromide pressure as suggested by the kinetics equation of 
Goldberg and Daniels: 


r = k,{(C2H;Br] + &a[CeHsBr] [Br] + &p[(CoHsBrean| [HBrwaul. 


In the absence of analytical data on the bromine concentration, it is impossible to properly 
apply the stationary-state approximation. It is possible that the molecular reaction 
between bromine and ethylene might alter the concentration of the former substantially. 

Since Agius and Maccoll have not investigated the effect of hydrogen bromide on 
the n-propyl bromide decomposition, examination must be confined to their kinetics 
data. A plot of first order ‘‘k”’ vs. Po! in their Fig. 3 and plots of p-? vs. time in Fig. 5 
indicate a purely 3/2 order for n-propyl bromide. Extrapolation of data on the purely 
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intramolecular decomposition of this compounds to 360° C. gives a value of k = 0.3 10~ 
sec.—! (11). This small value has been lost in their rather large experimental error, but 
it is sufficiently large to be included in the rate expression: 


r = k{C3H7Br] + &,[C3H7Br]*”. 


Their kinetics data are then not inconsistent with the same mechanism as has been 
proposed for ethyl bromide. 

The observation of the catalytic effect of hydrogen bromide on this decomposition (7) 
completes the evidence that the decompositions of ethyl and n-propyl bromides are 
mechanistically identical. The mechanism proposed by Goldberg and Daniels is the 
more plausible for both compounds since it explains all of the experimental facts. 

If this mechanism is correct, the theories advanced by Semenov (12) and by Maccoll 
and Thomas (1) to explain the difference in mechanisms of decomposition of m-propyl 
and isopropyl bromides must be modified to include the possibility of the rate of reaction 


between hydrogen bromide and the alkyl bromide being the mechanism-controlling 
factor. 
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GASEOUS AND LIQUID STATES OF AGGREGATION IN THE SUPERCRITICAL REGION 


F. G. SMITH 


A considerable amount of geological theory of formation of mineral deposits is de- 
pendent on the properties of water at supercritical temperatures and/or pressures. Con- 
sequently, geochemists and economic geologists are interested in physical theories of 
supercritical fluids, and in experimental studies of heterogeneous systems containing one 
or more such fluids. For example, if the volume of a liquid phase is kept constant as the 
temperature and pressure are increased to values above the critical temperature, and it 
can be shown that thermodynamic functions are continuous and uninflected, then we 
can extrapolate chemical properties of the liquid state into the supercritical region. There 
is a controversy in the geochemical literature regarding the appropriate term for desig- 
nating a supercritical fluid, but it-seems to be preferable to call it a liquid if it has the 
thermodynamic properties of a liquid, and a gas, if it has those of a gas. 

In a review of data on the state of supercritical fluids of geological interest (1), it was 
emphasized that the liquid state is not limited by the critical temperature, but is limited 
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approximately by the critical volume in the supercritical region of temperature and 
pressure. X-Ray diffraction methods allow a positive discrimination between the two 
states of aggregation, but simpler procedures would be more useful. 

The problem is simply that of showing whether the structure of the phase is more like 
the continuity in all dimensions characteristic of the ideal liquid state, or more like the 
discontinuity of the ideal gaseous state. Since an increase in the number of chemical 
bonds between components of a system involves a decrease of heat content and volume, 
thermodynamical expressions involving these terms can be used for discrimination. 
Mayer and Streeter (2) discussed the use of AH/AT and —AV/AP relations in locating 
phase transitions and in discriminating between anomalous first-order and diffuse tran- 
sitions. 

A related method that can be applied where PVT data are available consists of 
analyzing isobaric thermal expansion curves. Below the critical pressure, these curves 
have a first-order discontinuity at the boiling temperature, but above the critical pressure, 
they have a diffuse first-order discontinuity. The curve of dV/dT goes to + at the tran- 
sition when the pressure is below the critical pressure, but goes to a finite value above it. 
The curve of d?V/dT? goes through zero at the transition, both below and above the 
critical pressure. 

In the one-component system H,O, the above relations are shown at 200, 500, and 
1000 bars in Fig. 1. The plotted curves were drawn through values of AV/10° calculated 


from experimental data by Kennedy (3). The characteristic curvatures of the dV/dT 


relation in the liquid and gaseous states, respectively, are clear, at least up to pressures 
of the order of 1000 bars. The temperature at which d?V/dT? is zero is a function of 
the pressure, and is such that V is between 3.0 and 3.5 cc./g. In other words, the phase 
transition takes place in the supercritical region near, if not exactly at, the critical 
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volume. There is no phase change at the critical temperature except in the special case 
when the pressure is exactly the critical value. 

In summary, d?V/dT®? is positive in the liquid state and negative in the gas state, 
both below and above the critical pressure. In addition, the liquid—gas diffuse phase 
transition in the supercritical region is not at the critical temperature but near the 
critical volume. 
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